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FOREWORD 

by 

CECIL L. WILSON, 

Ph,D., D.Sc., F.R.I.C., F.I.C.L 

Reader in Chemistry in 
The Queen's University of Belfast 

NO teacher of inorganic qualitative analysis who has made any attempt 
to remain abreast of movements within the subject during the past few 
years can ignore the uncertainty that exists regarding its precise function 
in the training of chemists. The ‘solution’ to the problem adopted by 
some teachers, particularly in the United States of America — ^to drop the 
teaching of qualitative analysis quietly out of the course — is no solution, 
but is rather a simple evasion of the issues involved. The advances in 
chemistry during the past twenty years require that serious thought 
should be given to this matter. On the one hand new analytical tech- 
niques have rendered some of the classical methods of analytical chemis- 
try unwieldy and, in many cases, unnecessary, when considered purely 
functionally. Equally, the improvement in our knowledge of and ac- 
quaintance with things previously regarded as unfamiliar — whether these 
be the elements themselves or our understanding of the physico-chemical 
principles underlying their behaviour — has made less certain the peda- 
gogical value of the classical course of analysis taught to students. 

In this country, on the whole, the response to these doubts has 
tended to be patchy, and even nigghng. Some advances in technique, or 
some treatment of selected ‘less familiar’ elements, have been introduced 
by some teachers dissatisfied with the status quo, in an attempt to ensure 
that at least something of benefit should be derived from the practical 
course. Where classical theory conflicts with practical results, or where 
it causes confusion for the student, the teacher often resorts to evasion 
or to a piecemeal explanation — ^which in its turn may provide further 
confusion in other contexts. It is only by individuals that any extensive 
attempt has been made to introduce modern ideas and to jettison those 
obsolescent physico-chemical approaches which previously provided 
much of the pedagogical justification for the classical coxuse. Such 
individual rebellions have undoubtedly been seriously hampered by the 
lack of any coherent or ordered body of material on which to base a 
modern approach. 

A glance through the pages of Professor Chariot’s book is sufiicient 
to allow the reader to appreciate that it differs markedly from the 
ordinary run of books on qualitative inorganic analysis. Closer attention 
to the contents, whether in the theoretical or in the practical part, shows 
that here is something to provide the groundwork for those teachers 
who wdsh to relate their course on quahtative analysis to things as 
they are. Principles hitherto hardly mentioned in relation to quali- 
tative analvsis here receive full treatment, always against a practical 

'6119466 ^ 



vi Qualitative Inorganic Analysis 

background; for the reader faced with a world in which titanium and 
zirconium are as likely to be encountered as chromium or cobalt, no 
artificial distinction is drawn between familiar and less familiar elements. 
Whether the student learns the principles in order to improve his analy- 
tical abilities, or whether he practises analysis in order to improve his 
knowledge of the principles, becomes, for the moment, a side issue, since 
here both are at one with the times. 

Wliether Professor Chariot has succeeded in producing a generally 
acceptable approach is something which only time and experience can 
show; but it seems to me more important that he should have courage- 
ously made the attempt in a fashion which must impress his readers 
vith his ability to present a truly up-to-date view of the field. Professor 
Chariot is already internationally recognized as being amongst the fore- 
most interpreters of physico-chemical principles in their application to 
qualitative analysis. This book can only serve to make his outstanding 
abilities in this direction more widely appreciated. 

Dr. Murray has done a considerable service to English-speaking 
readers by making Professor Chariot’s work more readily available to 
them. Through his efforts a book which gives an authoritative and 
generally acceptable physico-chemical treatment of many of the pheno- 
mena of qualitative analysis, according to our present knowledge and 
understanding of these phenomena, now appears in Britain for the first 
time. 

As one who has the welfare of analytical chemistry much at heart, 
it is with a very considerable satisfaction that I welcome this trans- 
lation. Its publication cannot fail to raise the standard of the teaching of 
qualitative analysis in this country; it likewise cannot fail to emphasize 
for all chemists the continued value of qualitative analysis in the general 
training of chemists as a whole. 
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INTRODUCTION 


QUALITATIVE analysis has for generations been a foundation subject 
of chemical training. For most students it serves as an introduction to 
chemistry as a science: only a small proportion after graduating and 
leaving a University or Technical High School, etc., take up work in which 
their main interest is in analysis, whether qualitative or quantitative. 
Thus the course in analytical chemistry, especially that in qualitative 
analysis, should be designed to serve both the functions of an introduction 
to chemistry and as a training for a subsequent career. 

It cannot be said that the ‘classicaF method of qualitative inorganic 
analysis, based on group separations, performs either of these functions 
very well. As a method of analysis, and therefore as a specific training for 
a later career, it is cumbersome, slow, inexact, and messy, whilst as a 
method of introduction to chemistry it puts too much emphasis on the 
purely descriptive aspects of the subject. 

This need not be so. Qualitative analysis can be made a method of 
showing students that physical chemistry is of considerable value in the 
solution of practical problems. Such an integration of the physico- 
chemical approach to solution chemistry into the teaching of analysis 
seems to be much overdue and is pregnant with considerable possibilities 
for the understanding and prediction of chemical processes. It is a main 
purpose of this book to show how this integration can be achieved. 

The ‘new’ method of qualitative analysis as described in this book 
makes use of all possible means of detection and characterization, such 
as pH control, complex formation, adjustment of redox potential, solvent 
extraction, etc., in addition to that of precipitation which is practically 
the only one used in the classical method. In this way, fundamental 
physico-chemical principles are put into practice. Moreover, the new 
method is considerably more rapid and exact than the classical one. 

The book is divided into three parts. In Part I, the general properties 
of compounds both in solution and in contact with solvents are described 
and the methods of expressing these properties in quantitative terms are 
expounded. In Part II the individual properties of the more important 
ions and compounds and their detection and characterization are dealt 
with. In Part III will be found details of analytical technique and the 
methods of conducting an analysis by the new procedure. 

Those who want to find out immediately how the system differs in its 
practical details from the classical one will doubtless turn first to Part III. 
This part has deliberately been put at the end because, to understand the 
method properly. Part I must be studied very carefully, and Part II 
follows logically on Part I. 

In the first part an attempt has been made to familiarize the reader 
with the means which physical and electrochemistry make available for 
the prediction of the results of reactions in solution. No special know- 
ledge of physical chemistry is necessary since all that is definitely required 
for following the rest of the book is given in a directly usable forin» 

ix 
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Experience with students over a number of years has shown that such an 
approach is both possible and valuable. 

The various types of reaction in solutions are presented in a new form 
which makes it possible to treat all cases in a similar manner, using the 
same formulae, which simpUfies matters greatly. Reactions involving 
exchanges of electrons (oxidants and reductants) of ions and molecules 
(complexes) and, among ions, of protons (acids and bases) are dealt with 
in sequence. We then proceed to the study of more complicated cases 
involving several simultaneous exchanges, and finally to cases where 
more than one phase is involved, including those special cases of great 
importance in analytical chemistry, the formation of a precipitate and 
extraction by an immiscible solvent. A special feature is the use of simpli- 
fied diagrams to represent the effect of pH on redox potentials and 
solubilities, etc., and on the domain of existence of various chemical 
species. 

The unified treatment is extended to indicators which are classified as 
those of pH, redox, and of ionic concentrations. Numerous examples are 
given to prevent the treatment becoming in any way abstract. 

The reader is then made acquainted with the various complicating 
factors which often make it difficult to make precise statements about 
precipitations, etc.: condensed ions, ageing of precipitates, slowness of 
redox reactions, catalysis, etc. 

A specially valuable feature of the second part is felt to be the large 
number of stability constants and redox potentials which are contained 
in it. 

The method of qualitative analysis which we have developed (in col- 
laboration with Mile Bezier and M. Gauguin) aims at detecting ions 
independently with a minimum of separation. It resembles in many ways 
the methods used nowadays in colorimetry, wherein the classical separa- 
tion of elements into groups has been discarded. Separations are avoided 
wherever possible by making use of pH control, formation of complexes, 
selective reagents, and organic solvents. When separations are necessary 
they are made in order to isolate the element sought quantitatively and 
to discard interfering elements. 

No analytical tables of the ordinary type will be found in this book. 
It is sufficient to refer to each compound in Part II to find the conditions 
for its characterization. When several substances have to be detected and 
characterized, several general tests are carried out and then the elements 
are detected in a given order which is fully set out in Part III. 

In qualitative analysis by the usual methods no attempt should be 
made to look for traces of elements. Indications of the presence of 
traces are valueless unless accompanied by an estimate of their order of 
magnitude. 

We have thus been able to set as the aim of our method of analysis the 
detection of each element present whose content exceeds 0*1 or 1 per cent 
of the original solid, thus to detect one part of the element in the presence 
of 100 or 1000 parts of each or all of the others. 

Among other things the method is not rigid. Each characterization 
can be replaced by another, according to the circumstances, by using 
methods similar to those which we have proposed. 
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Parts II and III indicate the methods to be followed for the detection 
of most of the cations and anions derived from about 50 elements, which 
include most of those likely to be met with in a very wide range of natural 
and artificial materials of present-day economic importance. 

The method outlined in this thesis has been put into practice over a 
period of twelve years of teaching at the JEcole sup^rieure de Physique et 
de Chimie industrielles de Paris. In the choice of methods of detection we 
have been guided to a considerable extent by a form of operational 
research carried out in the teaching laboratories, examining the results 
obtained by different methods in practice by a large number of students. 
The method is now in use in numerous universities and industrial labora- 
tories in France and many parts of the world. 

The translation has been prepared from the material for the fourth 
re\dsed French edition, in which advantage has been taken of recent 
research to include much new data, and of criticisms by various English 
readers of the French edition to introduce numerous improvements in the 
presentation. 

It is with great pleasure that I take this opportunity of thanking most 
sincerely the two persons to whom the appearance of this English edition 
is mainly due, Dr. R. Belcher, who has followed my work with interest 
for several years and who first suggested an English translation, and 
Dr. R. C. Murray, who has not only made the translation but has made 
a number of criticisms and suggestions for modifications and rearrange- 
ment of the text which have been included in it, and will be included in 
the fourth French edition. 


G. CHARLOT 
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CHAPTER I 


CONSTITUTION OF ATOMS AND OF COMPOUNDS. 
OXIDATION NUMBER. CO-ORDINATION NUIVIBER. 
CONSTITUTION OF SOLUTIONS 

CONSTITUTION OF ATOMS. — Atoms are composed of a nucleus 
around which electrons circulate in different shells and sub-shells. 

The total number of electrons is equal to the atomic number of the 
element as shown in the periodic classification, a copy of which will be 
found at the end of this book. 

Thus the hydrogen atom possesses only one electron, as shown 
diagrammaticaliy in fig. 1. The atom of helium, whose atomic number is 2, 
has two electrons. The corresponding electron shell (K shell) cannot con- 
tain more than two electrons; it is then saturated. Lithium has three 
electrons distributed in two shells (fig. 1); the K shell saturated with two 
electrons, and one electron in the L shell. Eight electrons are required to 
saturate the L shell. This number is attained with neon, having the 
atomic number 10. Sodium, atomic number 11, and chlorine, atomic 
number 17, are also shown diagrammaticaliy in fig. 1. 



I 4 ^ \ 
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FIG. 1 



THE ELECTRON. THE PROTON. IONS. — The electron is the 
elementary charge of negative electricity. It will be represented by the 
letter e. 

The atom itself is neutral, and the negative charge carried by the 
electrons is compensated by an equal charge carried by the nucleus. 

If the atom loses one or more electrons, it becomes positively charged; 
if it captures electrons, it is then nega- 
tively charged. Such charged atoms are 
called ions. 

Thus the atom of hydrogen which 
has lost its electron bears a positive 
charge: it is the proton. It is a rather 
special sort of ion, for it consists of 
nothing else than the nucleus of the 

atom of hydrogen. It is written (m). 

The atom of sodium can lose an electron, yielding the sodium ion Na+ 
(fig 2) The atom of chlorine can acquire an electron, yielding the ion 01“ 
(fig’. 2). Similarly the ions Fe2+, S^- can be formed. 


^ ^ f • ^ ^ 
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FIG. 2 
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BONDS BETWEEN ATOMS IN COMPOUNDS. RULE.— 
Atoms are bound to one another by exchanges of electrons; these ex- 
changes occur in such a way as to achieve the most stable electronic 
configuration, which is, in general, that which corresponds to the satura- 
tion of the exterior electron shells; in the majority of cases this is the 
electronic configuration of the rare gases. 

Three principal types of bonds can be distinguished arbitrarily. 

Covalent (or homopolar) bonds. — Two atoms each supply one 
electron which they then share in common. 

Examples.— In the molecule of hydrogen, the two electrons, one 
belonging to one atom and one to the other, are shared in common by 
both. The electron shells of both atoms are thus saturated (helium 


configuration). 


Hr + X H 


HixiH 


WTitten H — H 


Similarly for the chlorine molecule: 



•• XX 

rClxCl^ 

or 

Cl— Cl 

For oxygen: 

•• XX 

:6io^ 

or 

0=0 

For methane: 

* X X 

H 

H X C ^ H 

or 

H 

H— C— H 


• X 

H 


1 

H 


The peripheral shell is saturated by eight electrons for chlorine, 
oxygen, and carbon. 

Co-ordinate (or semi-polar) bonds. — Occasionally one of the atoms 
alone provides a pair of electrons which are shared with the second atom. 

Thus in the formation of the complex ion NH4+, from NH3 and the 
ion H+, the nitrogen furnishes a pair of electrons to the H+ ion, thereby 
saturating the exterior shell of electrons in hydrogen: 

H H 

X • X . 

H X N X + H+->H X N ^ H+ 

• X • X 

H H 


The co-ordinate link is represented by an arrow proceeding from the 
donor of the electron pair to the acceptor. Thus in the present case, there 
are, initially, three covalent and one co-ordinate bonds: 


H 


H— N~^H+ 


H 

In SO2 one atom of oxygen is bound to sulphur by two covalent 
bonds, the other by a co-ordinate one: 

XX .. 

o : s X X 

XX x.^Ox 


X 

X 


or 0-f— S=0 
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It will be seen that the sulphur still possesses a free pair of electrons, 
with which it can bind a third atom of oxygen to itself by a co-ordinate 
bond and SO 3 is obtained: 

O 

t 

o^s=o 

Notes. — (1) G. N. Lewis has adopted the following definitions: ‘acid’ 
for the acceptor, and ‘base’ for the donor of the electron pair. These 
definitions will not be used in this book. 

( 2 ) The separation of the electron pair from the donor atom causes 
the latter to become positively charged, and the acceptor atom to become 
negatively charged: hence the name ‘semi-polar’ for this type of bond: 



Electrovalent (polar) bonds. — An atom can lose an electron to 
another atom. For example, in sodium chloride, the atom of sodium has 
lost an electron to an atom of chlorine, the exterior electronic shells of the 
two atoms thus becoming saturated. In this way ions are obtained which 
are linked by electrostatic attraction. 

Na . + X Cl ^~^Na + ^ Cl ^ 

XX ' XX 

This is written Na+....“CL 

General case. — Covalencies and electrovalencies represent extreme 
cases, but in the general case bonds are met with which have the character 
of both at one and the same time. 

Thus in both the covalent and the co-ordinate bond, the shared 
electrons can be disposed nearer or further from one atom than from the 
other, as a result of which opposite charges arise on the atoms and finally 
an electrovalent bond is obtained. 

H— O 

1 

H 

Thus, in the molecule of water, the shared electrons in each covalence 
are nearer to the atom of oxygen than to the atoms of hydrogen; conse- 
quently the oxygen is partially negatively, and the hydrogens partially 
positively, charged; the bond is partially electrovalent. 

Ha+— “lO 

I 

a+H 

In the case of hydrogen sulphide, HgS, the same phenomenon is more 
marked; sulphur is more electronegative than oxygen. On the other hand, 
the bonds can suffer rearrangement. This happens in the case of NH 4 +, 
in which the four hydrogen atoms have identical properties; since there 
were initially three covalent and one co-ordinate bonds, a rearrangement 
has taken place which has made all the bonds equivalent. 

This may be summarized by saying that every intermediate type of 
bond between the two extremes (of covalent and electrovalent) occurs. 
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It should also be remarked that the bonds in a given compound may 
be modified by the ambient medium. 

Polarity of molecules. — A molecule is said to be polar if, in the 
absence of an electric field, the centre of gravity of the negative charges 
is different from that of the positive charges. 

Experience shows that the molecule of water is not symmetric. 

H X < Ha+v 

O or )“lO 

H < X >: 

The shared electrons in the covalent bonds are nearer to the atom of 
oxygen than to the atoms of hydrogen (a state of affairs which is ex- 
pressed by saying that oxygen is more electronegative than hydrogen), 
and as a result there are positive charges on the hydrogen atoms and 
negative ones on the oxygen. As the molecule is not symmetrical, it is 
a dipole. Numerous molecules are polar: NHg, H^O, etc. 


+ - 

Others, on the other hand, are non-polar: Cl 2, CH^, etc. But these can 
also be occasionally polarized by ions or by polar molecules. 

Secondary bonds. — The different types of bonds already described 
do not suffice to explain all the phenomena. Other valencies, termed 
secondary, have to be postulated. Thus polar or polarized molecules can 
be attracted or bound in a way that cannot be explained in terms of the 
basic types of bond. 


COMPLEXES. — All substances in solution, whether ions or mole- 
cules wffiieh contain several atoms, will be termed ‘complexes’. Examples 
are: the ion NH4+, the ion 804^“, the ion Fe(CN)6^~, the molecule HgCl2, 
the molecule HE, etc. 

A special type of complex is that known as ‘chelate’, ‘internal’, or 
‘inner’ (we shall use the latter term). In this a co-ordinate bond formed 
between one part of the molecule and another produces a ring. A simple 
example is given by the compound formed in the well-known dimethyl- 
gly oxime test for nickel: 


CH3.C=N 


OH 

0 


1 

t 


=N 

N=C.CH< 

\ 

/ 


Ni 





=N 

N=C.CH. 


1 


0 

OH 



producing a molecule with two five-membered rings. 

Note , — The study of the electronic structure of compounds, which has 
made considerable progress during the course of the last few years, has 
shed a great deal of light on numerous fields of inorganic and organic 
chemistry. 

Some of the results are relevant to the fields contiguous on analytical 
chemistry; the inner complexes are nowadays utilized in both qualitative 
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and quantitative chemistry. There are some rules which make it possible 
to predict their properties, in particular their solubility in organic solvents 
and their stability. Consideration of the electronic structures involved 
permits the prediction of the relative strengths of acids of similar con- 
stitution, the stability of certain complexes, etc. It also permits the 
prediction of certain variations in properties in the periodic classification 
(see p. 125). The nature of the bonds which are broken in the course of 
chemical reactions also permits predictions about the rate of reaction. 
Finally, certain addition reactions can be explained in the light of elec- 
tronic structure. 

But, in the general case of analytical chemistry, restricted to the study 
and utilization of reactions in solution, electronic structure does not yet 
help one to predict the quantitative results that are required. It is more 
profitable to take overall views as a basis without troubling about the 
true nature of the bonds. In effect, all the bonds are broken in the course 
of a chemical reaction, the electrons are completely exchanged, and the 
final result is the same as though electrovalent bonds alone were involved 
(with a greater or smaller rate of reaction). Consider, for example, the 
molecule of chlorine: the Cl — Cl bond is broken in the presence of OH“ 
ions in sufficient quantity; the electrons are separated thus: 

.. XX 

: Cl -f X Cl or C1+ Cl- 

• * X X ‘ 

The more the bonds involved approximate to pure covalent ones so much 
the more difficult is it to find reactions which break them. On the other 
hand, the more nearly they approach the pure electrovalent type, the 
more easy is it to cause fission. 

OXIDATION NUMBER. OXIDATION STATE.— An atom is 
said to have the oxidation number N+ or to be in the N+ state of oxida- 
tion when the ion corresponding has N positive charges, i.e. the atom 
has lost N electrons. The terms ‘electrovalence’, or ‘valence’, are fre- 
quently used incorrectly, instead of oxidation number. Thus in ferrous 
ions, Fe2+, iron has the oxidation number II+. In hydrogen ions, H+, 
hydrogen has the oxidation number I+. 

We generalize without concerning ourselves with ionization. Mole- 
cules are neutral, that is to say that the sum total of the charges of ions 
of which they can be composed is zero. 

Examples . — In HgO we have 2 x H(I+), and so 0(II“). In manganese 
dioxide, MnOg, we have 2 x 0(11“) and so Mn(IV+). In potassium 
permanganate, KMn 04 , we have K(I+), 4 x 0(II~), and thus Mn(VII+). 
In arsenious oxide, AsgOg, we have 3 x 0(11”), and thus As(III+). In 
arsine, AsHg, we have 3 x H(I+), thus As(III“). 

Notes. — (1) The determination of the oxidation number must be based 
upon chemical properties, i.e. the manner in 'which the bonds are broken. 

Thus in Pb 304 we have 4 x 0(11”), and the 3Pb corresponds to 
2 X Pb(II+) and 1 x Pb(IV+), i.e. Pb(Pb02)2. 

(2) In certain cases the bonds can be broken differently. Thus in 
SgOg^” we can have S(0) and S(IV) or S(II~) and S(VI). 

(3) Most of the bonds met with in organic chemistry are covalences, 
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and can often be broken in different ways. For simple compounds, it may 
still be useful to make use of the concept of oxidation number. 

Thus in COg, we have C(IV+). 

In HCOOH, we have C(II+). 

In HCN, we have N(III-) and C(II+). 

In HCNO, we have N(III-), O(II-), and C(IV+). 

However in organic chemistry it is generally necessary to use more 
complicated concepts. 

INFLUENCE OF SOLVENT. IONS IN SOLUTION 

Let us consider solid sodium chloride. In the solid, the ions Na+ and 
Cl“ are kept in place by electrostatic attraction. 



If the molecules of solvent are polar, as in water for example, they also 
exert attractions on the ions Na+ and Cl“ and we have the equilibrium: 

(Na+ C1-) I + (p + ^)H20 Na+ pH^O + Cl”, gH.O 
as shown diagrammatically above. 

There will therefore be, partially at least, separation and solvation of 
the particles Na+ and Cl~. 

The solvation does not depend solely upon the polarity of the mole- 
cules, but also on their nature; a true chemical reaction is involved. 
Thus HCi is not split up into ions by nitrobenzene, although the molecules 
of the latter are strongly polar. 

On the other hand, the higher the dielectric constant of the solvent, 
and the smaller the attraction between the solvated particles, the more 
important will solvation be. 

Solvation equilibrium is thus the result of a number of properties: 
polarity of the solvent molecules, charge or polarity of the solute, nature 
of the bond in the solvated compound, which depends on the nature of 
the constituents, and the dielectric constant of the solvent. 

Electrolytes and non- electrolytes. Ions in solution. — Polar mole- 
cules whose charged particles are separated by solvation thus yield, in 
solution, charged compounds Na+,pH20; Cl",gH20, which are called 
solvated ions, or, by a process of simplification, just ions. 

Inversely, solvation is necessary for ionization. 

Simplified notation. — In general, in order to simplify formulae, we 
shall represent solvated ions simply by the ion itself. Thus 
will be written AP+; C^HgO),^- will be written Cl”, etc. However, solva- 
tion must not be forgotten, for it will have to be used in a certain number 
of cases. 
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Constitution of solutions. — During electrolysis, positively charged 
ions like the sodium ion Na+ travel towards the cathode; they are called 
cations. Ions such as the fluoride F~, nitrate NOg" and ferrocyanide 
Fe(CN)6^'”, etc., which travel towards the anode, are called anions. 

Solutions can still contain molecules; HF, C2H5OH, etc. 

Co-ordination number, — The number of molecules or ions grouped 
around one ion in a complex is not arbitrary. It is often constant for each 
oxidation number of each element, and it is called the ‘co-ordination 
number’. 

The charge carried by the complex is equal to the algebraic sum of the 
charges carried by its components. 

Example . — Cobalt Co(III+) fields numerous complex ions in which 
the co-ordination number is 6: 

Co(NH3)e3+; Co(NH3)gC12+; Coin^O),^+. 

The co-ordination number can be equal to 2 , 3 , 4 , 6, 8, but particularly 
4 and 6. 

Co-ordination number 6: Fe(III), Co(III), Fe(II), Sn(IV). 

„ „ 4 : Hg(II). 

„ „ 2: Ag(I). 

Notes. — ( 1 ) Polyvalent radicals such as SO 3 2-^ SO 4 2-, etc., frequently 
use up several units of the co-ordination number. SOg^", S04^”, 
NHgNHg generally utilize two units. 

(2) This rule was established for solids. In solution the phenomena 
are slightly different; the solvent, for example H2O, intervenes, and it is 
often difficult to define the bonds between the central atom and HgO. 
The co-ordination number is then simply a number which it is difficult 
to exceed. 

Example. — Cu(II) has the co-ordination number 4 . In ammoniacal 
solution, we have ammonia complexes. To satisfy the co-ordination rule 
they can be written Cu(NH3)2(H20)22+, Cu(NH3)3Ho02+, Cu(NH3)42+. 
But it is possible to obtain, though with difficulty it is true, 
in strong NH3. 

For simplicity, the molecules of solvent (in general HgO) are not 
given in the formulae of the complexes ; a certain number of them can 
be counted in arriving at the co-ordination number. 



CHAPTER II 


CHEMICAL EQUILIBRIA. DIFFERENT TYPES 
OF REACTIONS 


RATE OF REACTION. LAW OF MASS ACTION 
RECALLING that, in equilibrium. 


aA + 6B 4- . . . toM + nN + . . . 


the rate of the forward reaction (left to right) is given by 
ui =fci| A|«. |B|A . . 
and of the reverse reaction (right to left) by 

\ M|^. iN|«. . . 

where and k^ are constants and | A |, | B | . . . | M |, | N |, 
the concentrations (more exactly the activities) of A, B, M, N, 
In equilibrium the two rates are equal and we have 


Ui 





This is the law of mass action. 


I M I’”.] N I" . . . 
f A |«.| B 1^ . . 


Conventions 


(1) In all the formulae the concentrations are expressed in gram-ions 
or gram-molecules per litre. 

(2) The constant K is calculated with the products (compounds on 
the right in the above formula) in the numerator of the expression 


HF ^ H+ -{- F- 


^ ^ |H+|.|F-| 
|HF| 


When a substance exists as a solid in the presence of a solution, it is 
represented by the symbol | , its activity is then constant. This activity 
is taken by convention as equal to 1, and the values of the constants 
assume a value corresponding to this. 


AgCl - Ag+ + C1-; K = I Ag+ I . I Cl" [ 

(3) Sometimes the same convention is used when a gas'.saturates the 
solution at atmospheric pressure. It is then indicated by the symbol f . 
This symbol is reserved for the case where the real activity of the com- 
pound is not indicated in the formula, but only its partial pressure above 
the solution, expressed in atmospheres. 


2Cr2+ + 2H+ ^ 2Cr3+ -f f; K, = I Cr^+ 

- ‘ 1 I Cr2+ |2.| H+|2 

But it is often more convenient to indicate the activity in solution. 

2Cr2+ -f 2H+ 2Cr3+ + Ho* K = I 1^- 1 Hg [ 

2 I Cr2+|2.| H+12 


10 
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(4) We often have reason to replace activities by concentrations. A 
particular value of the constant is then obtained, improperly called the 
‘apparent constant’ expressed as K'. 

HF ^ H+ + F-; K' = 

Chf 

AgCl ^ Ag+ + C1-; K' = CAg4-.Cci- 

In principle the ionic strength of the solution ought to be indicated in 
such cases. 

SLOW REACTIONS. — The rate of reaction can be low, either when 
A’l (or A: 2) is small — and the value of (or depends on the nature of 
the substances present, — or when the concentrations are low (equilibrium 
displaced in one direction). 

In analytical chemistry, reagents are in general only allowed to act 
for a limited period. When reversible reactions are carried out, and 
equilibrium is rapidly attained, the application of the law of mass action 
is very useful, and it is this law which makes it possible to predict the 
phenomena. 

Reactions are often slow, and equilibrium is not waited for; sometimes 
the rate is practically zero. Thus we shall normally find in aqueous 
solution numerous systems not in mutual equilibrium. Predictions based 
upon the law of mass action are then no longer valid. 

It is thus of great practical importance to have a knowledge of the 
properties which determine rates of reaction (see p. 108). 

ACTIVITY AND CONCENTRATION.—The law of mass action 
and the laws resulting from it are only correctly expressed if activities 
and not the concentrations of the ions in question are used. 

The activity a is related to the concentration by the expression 
a = cf;f is called the ‘activity coefficient’. This coefficient depends more 
particularly on the concentration of the ion being considered and on its 
charge. / is smaller the higher the absolute value of the charge on the ion 
and depends on the nature, charge, and concentration of the other ions 
present (‘ionic strength’ of the solution). The following convention is 
generally adopted: / tends towards unity in very dilute solutions, and 
consequently it is only in these solutions that activity and concentration 
can be considered as equivalent. 

Calculation of activity coefficients 

The ‘ionic strength’ of the solution is first defined. If Sj, S2 . . . repre- 
sent the charges of the various ions, and C^, Cg . . . their concentrations, 
the ionic strength I is calculated thus 

I = -f 22^02 + . . .) 

Example, — In a solution containing 0*001 g.-mol of KCl per litre, 
ionizing into K+ and Cl“, and 0*001 g.-mol of MgS04 per litre, ionizing 
into Mg2+ and 804^“, we have 

I = J(1 X 0*001 + 1 X 0*001 + 4 X 0*001 -f 4 X 0*001) == 0*005 
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Case 1, I is less than 0*02. — is then calculated from the expression 

-log/„ ( 1 ) 

It can be seen that, as I approaches 0, / approaches 1. Activities and 
concentrations become identical. 

Example . — In the preceding case we should have: 

Vl = 0-07, whence - = 0*5 x 0-07 = 0*035 or log/jfc+ = 1*965 

fjc = 0*92 =/ci- and - log/so^®- = 4 x 0*035 = 0*14; 
iog/so/- = =/Mg^+ = 0-72 


Case 2. 0*02 < I < 0*2. — The following formula is applicable. 


- log/n = 


0*5z^2 Vl 

1 + a. 0*33 . 108 Vl 


in which a is the mean radius of the ion under consideration in centi- 
metres. It is generally to be found in tables of constants. Frequently it 
differs very little from 3.10“® cm., whence 


- logA 


O-DSn^Vl 

1 + Vl 


Case 3. — In a concentrated solution, a correction term must be 
applied 


- log/« = 


0*50Z,-2Vl 
1 + a.0*33.108 Vl 


+ A.I 


where A varies with the ions. 

When the ionic strength increases, / passes through a minimum and 
then increases with I. It can subsequently become greater than 1. 

In practice as soon as the ionic strength becomes sufficient to require 
serious corrections, formula ( 1 ) ceases to be applicable, and the activity 
coeflBcients can no longer be calculated a priori. 

Note. — Non-ionized molecules, NHg, HF, etc., have activity co- 
eflBcients little different from unity when their concentration is less than 
0-1 and even when as high as 1 g.-ion per litre. 


Activity coefficients 


C: 

0 

5 . 10-3 

10-3 

5 . 10-3 1 

10 “i 


1 

I 0*95 

0*93 

0*85 

0*80 

M 2 + 

1 

I 0*80 

0*74 

0*56 i 

0*46 

M 3 + 

1 

0*62 

0*52 

0*28 I 

0*20 


1 

0*43 

0*32 

0*11 1 

0*06 


DIFFERENT TYPES OF REACTIONS. — Reactions in solution 
can be divided into tw'o fundamental types: 

Electron exchanges or reactions between oxidizing and reducing 
agents. 

Exchanges of ions and of polar molecules, or reactions between 
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acceptors and donors of the particular particle under consideration- If 
the particle exchanged is the proton, these are reactions between acids 
and bases. 

Reactions can include the simultaneous exchange of several particles; 
electrons and protons, electrons and ions, protons and ions, etc. 

Equilibria can be displaced by the formation of a second phase: pre- 
cipitation, liberation of gas, presence of a second non-miscible solvent. 



CHAPTER III 


OXIDANTS AND REDUCTANTS 
(EXCHANGE OF ELECTRONS) 

DEFINITIONS.— Oxidizing agents (always called oxidants) are sub- 
stances capable of taking up electrons. Reducing agents (always called 
reductants) are substances which can give up electrons. The relation 
which defines oxidants and reductants is: 

Oxidant + ne ^ Reductant. 

In this way an oxidant-reductant or ‘redox’ pair is defined. 
Eaumples , — Ferric ions Fe^+ are oxidants. 

Fe3+ + e ^ Fe2+ 

Ferrous ions Fe^^ are reductants. Thus this relation defines the 
ferric — ferrous oxidant-reductant pair. Ferric ions can be reduced to 
ferrous ions, and ferrous oxidized to ferric. 

Oxidation thus corresponds to an increase and reduction to a decrease 
in the oxidation number. Ferrous iron, in which iron has the oxidation 
number II+, is oxidized to the ferric state, in which its oxidation number 
is III+. 

Stannous salts are oxidized to stannic ones: 

Sn2+ - 2e-^ Sn4+ 

Ferrocyanides are oxidized to ferricyanides: 

Fe(CN)6^- - e Fe(CN)63- 

The passage of metals into solution or their precipitation are oxidation- 
reduction phenomena. 

Zn — 2e ^ Zn2+ 

Ag I - e ^ Ag+ 

The reduction of hydrogen ions yields hydrogen 
2H+ + 2c ^ Hg t 

OXIDATION-REDUCTION REACTIONS.— Electrons do not 
exist in the free state in solution. In order for an oxidant to be able to 
gain electrons, a reductant which can lose electrons to it must be present. 
Representing the oxidant by Ox^ and the reductant with which it reacts 
by Red 2 , we have the two oxidation-reduction systems. 

aOx^ + ?ie — > aRedj 
^Reda — ne — feOxg 
aOxi -h 6Red2 — aRed^ -f ^Oxg 

Example. — Thus, stannous ions in proximity to ferric ions give up 

14 
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their electrons which are taken up by the ferric ions. Ferric salts are 
reduced by stannous salts. 

2Fe3+ -f 2e-^ 2Fe2+ 

Sn^+ — 2e — > Sn^+ 

2Fe3+ + Sn2+ 2Fe2+ -f- Sn^^ 

The chemical equations can be balanced by considering the numbers 
of electrons exchanged or transferred. 

CELL. ELECTROLYSIS. — Electrons can be brought 
into action by physical means: (1) by constructing a cell, 
and (2) by electrolysis. 

Imagine a cell divided into two compartments by a 
wall which permits the passage of current but prevents 
the mixing of the two solutions. Suppose inert electrodes 
A and B to be placed in the solutions, and joined by an 
external wire (fig. 3). 

If a ceric salt Ce‘*+ be introduced into compartment A 
and a ferrous salt Fe^+ into B, current flows through the ^ 

wire from A to B, which means that electrons flow through 
it from B to A. They are given up by the ferrous salt which is oxidized: 

Fe2+ - e~>Fe3+ 

and are taken up by the ceric salts which are reduced: 

Ce^+ + e — > Ce^+ 

The reaction which is brought about in this manner is: 

Ce^+ + Fe2+— > Ce3+ Fe3+ 



STRENGTH OF OXIDANTS AND REDUCTANTS IN 
OXIDANT-REDUCTANT PAIRS. — An oxidant is the stronger 
the more easily it can take up electrons. The more energetically the 
oxidant takes up electrons, the less easily the conjugate reductant gives 
them up, or, put differently, the more easy the oxidant is to reduce, the 
more difficult its conjugate reductant is to oxidize, or again, the stronger 
the oxidant, the weaker the conjugate reductant. In the system: 
Ce^+ + e ^ Ce®+, Ce^+ is a strong oxidant, and Ce®+ is a weak reductant. 
In the system: Ti^+ + e ^ Ti®+, Ti^+ is a strong reductant, it reduces 
numerous oxidants; Ti^+ is a weak oxidant, and cannot be reduced by 
many substances. 

These remarks apply only where the system is a reversible one. 

Oxidation-reduction potential. — This is the parameter which 
makes it possible to classify precisely the oxidizing and reducing strengths 
of different systems. 

To the system Ox + ne ^ Red corresponds the potential 


RT 

E = Eo — log, 
® nF 


|Q^I 

1 Red I 


It is this potential E which controls the exchange of electrons. This 


potential can be made evident by constructing a cell of the sort indicated 
above. The electrodes must be inert, i.e. they must be non-oxidizable 


ones, which means that they cannot send ions into solution, which would 



16 Qualitative Inorganic Analysis 

bring into action electrons foreign to the system under consideration. 
Their sole function must be to permit the electrons belonging to the 
systems already in solution to circulate. Polished platinum and gold 
are suitable since they are not oxidizable. Between the two electrodes 
of the cell there is a difference of potential Ea — Eb, Ea being the 
potential of the electrode A with respect to the solution of ceric salt, 
and Eb that of the electrode B with respect to the solution of ferrous salt. 
If Ea > Eb, current passes from A to B, as a result of which the ceric 
salt will be reduced and the ferric salt oxidized, according to the reaction 
Ce^+ + Ce^^ + Fe^^ 


The potential of each electrode with respect to the solution in which 
it dips (or rather with respect to a reference electrode which is taken as 
the origin of the potentials) can be determined and is called the oxida- 
tion-reduction potential of the solution. When one solution has a higher 
oxidation-reduction potential than another solution, a cell can be formed 
and the second solution can be oxidized by the first. The result is the same 
if the solutions are 7 nixed, Thus the potential represents the oxidizing 
power of the solution. 

The oxidation-reduction system ferrous ion-ferric ion is reversible. 
Fe®+ is the oxidant and Fe^^ the reductant. In chemical reactions Fe^^ 
is sometimes reduced and sometimes oxidized. 

As might be expected, the oxidation-reduction potential depends on 
both the concentration of Fe®+ and on that of Fe^+. The higher the 
proportion of ferric in relation to ferrous iron, the more oxidizing is the 
solution and the higher the potential. The formula for the oxidation- 
reduction potential, confirmed by experiment, is: 


RT 

E =Eo +^Iog. 


I Oxidant | 

I Reductant | 


Eq is a constant, R the gas law constant, T the absolute temperature, 
n the number of electrons brought into action, F the Faraday, | Oxidant | 
and I Reductant | the activities of oxidant and reductant. 

Replacing the letters by their values at 15° C., and transforming the 
Napierian logarithms to decimal ones, we get: 


^ ^ 0-058 , 

E == Eq -\ log 

n 


I Ox I 

Red I 


In the case where the oxidation-reduction system is represented by: 
aOx -f ne — > 6Red, we have: 

_ _ 0-058 , I Ox |« 

E = Eo + — log I , .1 


E = El + 0 06 log 


E = Eg “{“ 0*03 log 


1 Red P 
Fe^+I 
Fe2+ I 
TP+ i 


E = E. -f 0-03 log 


When the potential of the system is measured with a hydrogen elec- 
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trode (platinized platinum saturated with hydrogen at normal pressiure), 
we have: | Hg | = constant, and: 

E = E'a + 0*06 log 1 H+ I 

By convention we take E = 0 in this latter case for | H+ | = 1 (normal 
hydrogen electrode). All oxidation-reduction potentials are therefore 
determined with respect to that of the normal hydrogen electrode = 0. 

Normal potential. — When potential of the system 

becomes equal to Eq. This is the normal potential which has a definite 
value for each system. Thus we have: 

I Fe^+ 1 

E = 0-78 -f 0-06 log volt 

I Fe^+ I 

0-78 volt is the value of the potential for [ Fe^+ | = [ [. 

Prediction of reactions. — We have seen that the value of the 
oxidation-reduction potential of a solution makes it possible to predict 
reactions when a cell is formed or when the solutions are mixed. Thus 
ceric salts oxidize ferrous salts, for we have: 

I Ce^-t 1 

El = 1*68 + 0-06 log volt 


During the reaction the ratio 
Fe3+ 


Eg = 0-78 + 0-06 log 
Ce^+ 


Ce3+| 
Fe3+ I 


volt 


Ce3+| 


. I 

decreases, hence Ej decreases, and 


the ratio , _ „ . , 

I Fe2+ I 

when El = Eg. 


increases, therefore Eg increases. The reaction ceases 


Some normal 'potentials in aqueous solution : 


Co(CN)e«- 

+ 

e 


Co(CN)e^- . 

— 0*83 volt 

Cr®+ 

+ 

e 


Cr2+ . . . 

- 0-41 

>5 

y3+ 

+ 

e 



- 0-21- 

-0-25 volt 

2H+ 

+ 

e 


Hg t . . 

0-00 volt (Hg = 






pressure) 

Cu2+ 

+ 

e 


Cu+ . . . 

-h 0-16 volt 

Fe(CN),^- 

+ 

e 


Fe(CN)6^- . 

0-36 

5J 

MnOr 

+ 

e 


Mn042- . . 

0-54 


Is 

+ 

2e 


21- . . . 

0-62 


Fe3+ 

+ 

e 


Fe2+ . . 

0*78 


2Hg2-t 

+ 

2e 


Hgg^+ . . 

0-91 

S5 

Brg 

+ 

2e 


2Br- . . 

1-09 


TP+ 

+ 

2e 


T1+ , . . 

1*28 

JS 

Clg 

+ 

2e 


2C1- . . . 

1-41 

>9 

Ce^+ 

+ 

e 


Ce3+ . . . 

1-68 

9J 

Pb*+ 

+ 

2e 


Pb2+ . . 

1-75 

J9 

Co3+ 

+ 

e 


Co2+ . . 

1-82 

J9 

Ag2+ 

+ 

e 



Ag+ . . . 

1-98 

95 

Fs 

+ 

2e 


2F- , . . 

2*8 (calculated) 
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Notes, — (1) Oxidants are classified in order of increasing, and the 
reductants in order of decreasing, strength. 

An oxidant can react with any reductant which is above it in the 
table. However, we shall see that in quantitative analysis for the reaction 
to be practically complete, it is necessary for the potential difference 
between the two systems to be 0-20-0-40 volt, according to the number 
of electrons exchanged. 

Note that in the system F 2 / 2 F“, F“ is a reductant. But it can only 
reduce systems having a higher potential than itself, and there are hardly 
any. Similarly Ce®"^ can act as a reductant in acid solution only towards 
oxidants more energetic than Ce^+, i.e. in a limited number of cases. It 
is a poor reductant. At the other end of the scale Cr®+, for example, is 
a poor oxidant. On the other hand, systems placed in the centre of the 
table can oxidize a large number of systems and reduce a large number 
also. Thus for the system Fe®+/Fe®+, Fe®+ is the oxidant and the 
reductant in a large number of cases. 

(2) The most energetic oxidant, Fg, can only be obtained by electro- 
lysis. It oxidizes all the other systems. It acts on the ions of water: 

2 F 2 t + 20®--~>4F- + O 2 t 

(8) Some systems have an extremely small rate of reaction, and they 
hardly act at all as their normal potential would indicate (see p. 108). 

(4) We are dealing here with the normal potential which must not be 
confused with the formal potential used in practice (see p. 19). 

(5) In the formulae, activities and not concentrations should be used. 
The effect of salts is far from being always negligible, particularly with 
poly\’alent ions. Thus the ferri-ferrocyanide system at a concentration of 
M /300 has a potential of 0-4 volt in a neutral medium. In the presence of 
2M potassium chloride, the potential is 0*5 volt. 

(6) We are dealing here with hydrated ions and consequently the 
values given are only valid in aqueous solution. 

OXIDATION-REDUCTION SYSTEMS OF WATER.— In prin- 
ciple, water and its ions can also exchange electrons. There are two 
oxidation-reduction systems of water: 

(1) Water acts as the oxidant: 

2H+ -f 2e-^ Ha t or 2 H 2 O -f 2e ^ H, + 20H- 
with E = + 0*06 log I H+ | at atmospheric pressure. 

(2) Water acts as the reductant: 

20®“ - 4e-> O 2 t OT 2 H 2 O ~ 4e ^ O 2 + 4H+ 
with E == 1*23 + 0*06 log | H+ | volt (see p, 60) in air. 

But generally the reactions are very slow in the absence of catalysts, 
and the ions of water do not come to equilibrium with the dissolved 
oxidants or reductants. In general water is inert from the point of \iew 
of oxidation-reduction. In many cases its action can be neglected. 

Very strong oxidants and very strong reductants. — However, 
there are exceptions in the form of very strong oxidants and very strong 
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reductants. They react with water perceptibly and consequently cannot 
exist for long in aqueous solution. Thus Fo does not exist in solution in 
water. It immediately takes up electrons quantitatively to give F”, which 
does not act as a reductant; in aqueous solution it does not show any 
tendency to give up electrons. 

Fg t + 2e ^ 2F- 

and we have : 2 F 2 f + 20 ^“ — > 4F~ + 02 ^ 

Na is a very strong reductant. It does not exist in water. Reciprocally, 
Na-f" has lost its oxidizing properties: 

Na I - e— >Na+ 

and we have : 2 Na -f 2H+ — > 2Na+ + t 


FORMAL POTENTIAL. — Consider the ferrous-ferric system. We 
have: 

1 Fe3+ I 

E = Eo + 0-058 log j- j 


where | Fe^+ | and | Fe^+ | represent the activities of the ions Fe®+,aq. 
and Fe^+,aq., respectively. 

Assume they are present in M-HCl solution. Part of the ferric iron is 
present as Fe^+ ions, but it is also present as FeOH^+, FeC12+, FeClg®", 
etc. Similar remarks apply to Fe^+. 

Let a and p be the fractions of total ferric and total ferrous iron which 
are present as Fe®+,aq. and Fe^+,aq. ions. 

The potential is given by: 


E = Eo + 0-058 log 


g X Cep(ni) X 
P ^FeilL) X 


If Eq is the normal potential (zero ionic strength), CFe(in) ^Fe(ri) ^^e 
the total concentrations of ferric and ferrous iron which are all that are 
available to us and ^re activity coefficients. We then have: 


E = Eo + 0-058 log - + 0-058 log-^^ + 0-058 log 

P /Fe"^ Lre(ll) 

or, under given conditions: 

E = El + 0-058 log 

'-Fe(II) 


Thus we define E^, the formal normal potential which is valid for 
particular given conditions and which makes it possible to calculate the 
potential from the concentrations, which are all that are known. This 
value is also used in conditions which approach those where it is strictly 
valid. The value of E^ should always be accompanied by an indication of 
the solution to which it corresponds. 

Examples , — In the ferrous-ferric system, the value of Eq is 0*78 volt. 


In M-HCIO 4 or M-HNO3 . . 0-70 volt 

M-HCl 0-65 „ 

M-H 2 SO 4 0-61 „ 


3 
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Some values of formal potentials 
Ce(IV) + e^ Ce(III) = 1-68 volts 


9 N-HC 104 . . . . 

. 1-90 volts 

N-HC 104 . . . . 

. . . 1*70 „ 

N-HN 03 . . . . 

. . . 1-61 „ 

M-H 2 S 04 . . . . 

. . . 1-44 „ 

N-HCl 

. . . 1-28 „ 

Sn(IV) + 2e ^ Sn(II) 


N-HCl 

. . ~ 0-15 volt 

0 -lN-HCl . . . . 

0 

6 

9 N-H 2 SO 4 . . . . 

. . . 0-40 „ 

Fe(CN) 6 "- -f e ^ Fe(CN)e^- E^ = 

0-3G volt 

N-HCl .... 

. . . 0-71-0-77 volt 

0 -lN-HCl . . . 

. . . 0-56-0-69 „ 

N-H 2 SO 4 , N-HCIO 4 

. . . 0-72 volt 

O-OlN-NaOH . . 

. . . 0-46 „ 

5N-NaOH . . . 

. . . 0-52 „ 

A large number of formal normal potential values will be found in 
second part of this book. 

OXIDATION-REDUCTION 

POTENTIAL OF OXIDIZING 

AND REDUCING SOLUTIONS 


In the system: 

Oxidant + ne ^ reductant 

^ ^ 0-058 , I Ox I 

we have E = E„ + — log 

Let us vary the ratio of | Ox |/| Red | from 0 per cent oxidant and 
100 per cent reductant to 100 per cent oxidant and 0 per cent reductant, 
the sum of the two remaining constant. We obtain the curve shown in 
fig. 4, which is of the form 

2 / = a + 6 log 

C — X 

Potential of a solution containing conjugate oxidants and 
reductants. Buffer solutions. — The potential is given by the preceding 
formula. Such a solution, which contains at the same time conjugate 
oxidant and reductant, is called a buffer solution. The addition to this 
solution of an oxidant or a reductant in quantity sufficient to cause a 
considerable variation of the |Ox|/|Red| ratio only changes the 
potential by a small amount (fig. 4). 

Example. — Consider a solution containing a ferric and a ferrous salt 
each at unit concentration. We have: 

I Fe3+ I 

E = 0-78 + 0-06 log = 0-78 volt 

I 1' e j 
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Suppose that a powerful reductant be added, for example Cr2+ at a 
concentration of 10~^, then: 

Fe^-f- 4- Cr2+~>Fe2+ + Cr^^ 

I Fe3+ 1 = 1 - O'l 
I Fe2+ 1=1+ 0*1 

E — 0*78 + 0 06 log = 0*77 volt 

^ 1 + 0*1 

The potential is little changed. 

The same result would be obtained if a powerful oxidant were added, 
for example Ce^"^. 

Such solutions containing conjugate oxidant and reductant make it 
possible in practice to maintain the oxidation-reduction potential at a 
given value. 


E 



0 20 40 60 80 100 % 


Oxidant 

FIG. 4.— E = Eo + 0-00 log 

Experiment — Consider a buffer mixture Sn(II)/Sn(IV), 0*15 volt in 
HCl. Add to it ferrous o-phenanthroline complex (red — 1*10 volts 
— ^pale blue). The solution turns red. Add some ceric salt (E = 1*28 
volts). A large quantity of ceric salt is necessary before 1*10 volts is 
reached and the indicator changes colour. 

On the other hand, in a solution of N-HCl, coloured red by one drop 
of ferrous o-phenanthroline, 1 drop of ceric salt causes the potential to 
rise rapidly and the indicator changes. 

Potential of an oxidant or a reductant. — In the formula 

I Fe®+ I 

E = 0-78 + 0-06 log j I volt 

if we make | Fe^^ ] =0, i.e. a pure solution of ferric ions, we get 
E = + 00. 

In practice, it is impossible to obtain pure Fe®"^ for two reasons: 
(1) no oxidant sufficiently powerful to oxidize the last traces of Fe^+ 
can be found; and (2) when the potential becomes very high, water 
acts as a reductant. In practice, we cannot exceed 1 *5 volts. 

Mixture of two oxidants and two reductants. — Consider the 
mixture of ceric and ferric salt, Ce^+ + Fe^^. When a reductant is intro- 
duced, the most oxidizing compound is first reduced. 
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The potential is given here by Ce^+. 

Note . — For a certain number of compounds, rates of reaction have to 
be taken into account (see p. lOS). 

Mixture of the oxidant from one system and the reductant 
from another. — When the reductant Red 2 is added to the oxidant Ox^ 
the reaction -which occurs is: 


Oxj -f- Redg — > Oxg + Redi 

As much 0 x 2 as Red^ is produced, hence | Ox 2 | = | Red^ |. If Oxi and 
Red 2 are mixed in equal proportions, after reaction there remains 
I Oxi 1 = i Red. |. 

On the other hand, at equilibrium the potentials of the two systems 
are equal, and we have: 


E ” Ej -f" 0’06 log • 


i Oxil 

Redi I 


E 2 + 0*06 log j 


or 2E = El + E 2 + 0 06 log 


Ox, 


Ox. 


Redil 


Redo 


Redo 


= Ej -f E 2 


E - 


Ej + E 2 
2 


under the particular conditions indicated above. 

More generally, to the equilibrium: 

aOxi + ftReda ^ aRed^ + 50x2 
corresponds the potential 

E = 

a + b 

POLYOXIDANTS, AMPHOLYTES, DISPROPORTIONA- 
TION. — A given element can exist in several states of oxidation, and 
consequently can exchange several electrons in succession. 

Vanadium can have the oxidation numbers II+, III+, IV+, and V+ 
and we can have 

V(II+) - e ^ V(III+) 

V(III+) - e ^ V(IV+) 

V(II+) is a polyreductant, and can be reduced with exchange of several 
electrons: 


V(II) - 2e-> V(IV) 

Similarly V(IV) is a polyoxidant. 

Let us call E 4 the normal potential corresponding to V(IV) /V(III) 
and Eg the normal potential corresponding to V(III) /V(II), we then have: 


and 


E = E 4 + 0*06 log 


E == Eg + 0 06 log 


I V(IV) I 
I V(III) I 
I V(ni) I 
I v(ii) 1 


It appears that it can always he said, so long as simple ions such as 
V3+,aq. or V^+^aq. are being dealt with, that the highest state of 
oxidation is also the most powerfully oxidizing one and that it is more 
easy to accept the first electron. Thus, in principle, E 4 > Bj. 

the oxidant in the first system above and it can accept an 
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electron to give V(II). It is the reductant in the second system and can 
donate electrons in order to give V(IV). 

A species such as V(III), which can sometimes accept, and sometimes 
donate a particle, is called an ‘ampholyte’ and we have the equilibria: 
V(III) + e ^ V(II) 

V(III) ~ e ^ V(IV) 

v(iii) + VIII ^ 

This is the disproportionation equilibrium. 

We shall see that the equilibrium can be displaced towards the right 
by the disappearance of V(IV) or V(II). V(III) then disappears. It is said 
to be disproportionated. Sometimes it can be almost completely dispro- 
portionated; under such conditions the (III)+ state of oxidation ceases to 
exist. 

Potential of a solution of an ampholyte. — Consider, for ex- 
ample, a solution of V(III). We have: 

V(III) -1- e ^ V(II) E3 = - 0.20 volt 
V(III) - e ^ V(IV) = 0-40 

V(III) is the oxidant of one system and the reductant of another. Its 
concentration is ob\iously the same in both cases. 

Eg E4 — 0*20 volt -f 0*40 volt 

E = — - = = 0-10 volt 

2 2 

The potential is independent of the concentration. 

NORMAL OXIDIZING AND REDUCING SOLUTIONS.— The 
term ‘normal oxidizing solution’ is applied to a solution of an oxidant 
which can take up 1 g.-eleetron per litre. The concentration in normality 
is indicated by the letter N. 

Thus ferric iron is an oxidant, it fixes an electron. 

Fe3+ 4- e~->Fe2+ 

A normal oxidizing solution of ferric iron, Fe(III), is also a molar 
solution of Fe(III) (indicated M-Fe(III) ). 

Bromine is an oxidant according to the scheme 
Brg 4- 2e — > 2Br~ 

O-IM-Brg = 0-2N-Br2 

Analogous definitions can be applied to reducing solutions. 

General 7iote. — In this chapter the expressions ‘take up’ and ‘give up’ 
electrons have been used. It is customary, however, to say that electrons 
(or protons or atoms, molecules, ions, etc.) are ‘accepted’ and ‘donated’ 
and these expressions will be used in the rest of the book. 
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CHAPTER IV 


ACIDS AND BASES (EXCHANGE OF PROTONS) 


DEFINITIONS. — Acids are substances which can donate protons. 
Bases are substances which can accept protons. The relation which 
defines acids and bases is: 


Acid 


Base -f 



Thus we define an acid-base pair. 

Example . — To the acid HF (hydrofluoric acid) corresponds the base 
F“ (the fluoride ion). 


HF-^ F- 

Acid Base 



• CJtXJL 


To the ammonium ion NH4+, 

NH3: 

NH4+ ^ NH3 + 




Aniline is a base in the equilibrium: 

C5H3NH3 + @ ^ C6H3NH3+ 

The aluminium ion is an acid in aqueous solution: 

AP.HoO ^ Al(OH)=+ + 


The hydrosulphide ion is a base: 

S=- + ^ HS-. 

Caustic soda is a base: 

NaOH + @ ^ Na+, H3O 

The molecules of ionizing solvents also act as acids and bases; thus 
water behaves as a base in the equilibrium: 

H3O + ^ H3O+ (solvated (^) 

(^^is the proton; H3O+ is the hydronium ion or the hydrated hydrogen 

ion, usually referred to as the hydrogen ion. It symbolizes the action of 
the polar molecules of water on the proton. 

Reactions between acids and bases or of neutralization. — 
Protons can scarcely exist in the free state. For an acid to donate protons 
a base capable of accepting them must be present. Consider the aeidj 
reacting with a bases- We shall have the two acid-base systems: 

Acidi BasCi + 

and Bases + ^ Acidg 

Acidj -f Basco ^ Aeidg + Basci 
“ 24 


whence 
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There is an equilibrium between the two acid-base systems. 

Example . — 

HF F- + 

NH, + @ ^ NH4+ 

HF + NH3 ^ F- + 

STRENGTH OF ACIDS AND BASES. — An acid is stronger in 
proportion as its property of losing protons is more marked. The stronger 
the acid, the weaker the base. We shall see a precise definition of the 
strength of acid-base pairs in aqueous solution. 

Note . — All the preceding may be applied whatever the solvent. 

Aqueous solutions. 

Water can behave as an acid: 

H.O OH- + 0 ) 

and as a base: HjO + H3O+ (hydration of the proton) 

Thus we also have the equilibrium: 

2H2O ^ OH- -f H3O+ 

In aqueous solution, tliis differentiates the phenomena of proton 
exchange from those of electron exchange (see p. 18 ). 

Hydrolysis. — When an acid is introduced into water, it can lose 
protons, because the water molecule can fix them, and we have the 
equilibrium: 

Acid -h H2O ^ Base -f .... (I) 

When a base is introduced into water, it can accept protons because 
the water molecules can donate them to it: 

Base + H2O Acid -f OH- 

This equilibrium is equivalent to the one above since we always have: 
2H2O ^ H3O+ -h OH~ 

The action of water is called hydrolysis, and is exerted both on acids 
■and bases. More exactly this equilibrium depends on the acid-base pair. 

Strength of acid- base pairs 

. Applying the law of mass action to the equilibrium (I) above, we have: 
lBase|.| H3O+I 
I Acid |.| HjO'] 

The activity of water, | HgO |, which is very high, 1000 / 18 , remains 
sensibly constant in dilute solutions. We can thus write: 

|Basei.|H30+| 

I Acid I ^ 

Ka thus defined is called the acidity constant of the acid-base pair. 
It is more convenient to use pKa = — log Ka- 
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An acid is stronger, the more easily it donates its protons, the more 
the equilibrium (I) is displaced towards the right, hence the larger Kj^ is 
(or the smaller pK^). 

The base is stronger, the more firmly it binds protons, hence the more 
the equilibrium is displaced towards the left. 

The constant Ka in fact defines the strength of the acid-base pair. The 
stronger the acid, the weaker the base. 

Thus hydrocyanic acid HCN is a w^eak acid, ^Ka = ^*1 • CN" is a 
fairly strong base. The ammonium ion NH4+ is an acid of the same 
strength: = 0-2. The corresponding base NH3 has about the same 

strength as CN“. Hydrofluoric acid HF, pKa = 3-2 is stronger. F“ is a 
very weak base. 

Acidity of an aqueous solution, pH. 

A solution is said to be more acid if the water in it has combined with 
more protons, i.e. if | H3O+ | is larger. 

We have the equilibrium 

2H2O ^ H3O+ -f OH- 

Applying the law' of mass action 

I QH-MH3O+ I _ 

IH3OP 

K is fixed at a given temperature. The amount dissociated is always 
extremely small in relation to the total number of molecules of water in a 


dilute solution. | HgO \ '^ = thus be considered as practically 

constant, to all intents and purposes. 

We thus have | HgO-t | .| OH- | = Kh„o 

The constant Kh^q is very small: 25° C. 

Temperature ^ _ log K^- ^ 

°C. ‘ ' 

0 14-93 

18 14-23 

25 1398 

50 13-25 

100 12-24 


We thus see that at ordinary temperature | H3O+ ( .| OH“ [ is prac- 
tically 10-1^. In pure water, there are as many H3O+ ions as OH- ions, 
and so | H3O+ | = | OH- | = 10-’. 

A solution or medium is said to be acid if it contains an excess of 
H3O+ ions, 1 H3O+ I > 10-’. It is neutral when | H3O+ I = 10“’, and 
alkaline when | H3O+ | < 10“’. 

Instead of using the activity of the H3O+ ions as a measure of the 
acidity of a solution, it is more convenient to use the function pH defined 
by the relation 

pH = - logio I H3O+ I 

Thus the pH of pure w'ater is 7. In acid solution the pH is < 7, right 
down to pH -- 1. In alkaline solution pH > 7, right up to pH 15. 

Strong acids, strong bases; pH limits.— Some acids are very 
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strong, stronger than H3O+. They donate their protons quantitatively to 
the molecules of water to give H3O+. And, as there are 55 g.-mol of H2O 
per litre, the acids disappear quantitatively in dilute solution. The 
equilibrium 

Acid 4- HgO Base + H3O+ 

is displaced completely to the right. The scale of acidity is thus limited 
by the fact that the base HgO is present in large quantities. 

Acids stronger than H3O+ cannot exist in aqueous solution: HCl, 
UNO 3, HCIO4, are called ‘strong acids\ 

HCl -f HoO~> Cl- + H30^ 

Cl -5 NO3-, CIO4-, are neutral from the point of view of acidity, for they 
cannot accept protons, and thus cannot react with molecules of water. 

In the same w^ay strong bases react quantitatively wdth water, con- 
sidered as an acid : 

NaOH -f HoO— ^ Na+, H.O -f OH" 

Na*^, K+, T1+, etc., which correspond to strong bases, have no acid 
character, and they do not affect the pH of solutions. 

SIMPLIFIED NOTATION.-— The result of the action of water on 
the proton (hydration) has been symbolized as H3O+. For the sake of 
brevity, as already said for the other ions, we shall henceforth represent 
this entity as H+ and w^e shall call the hydrated proton the hydrogen ion, 
as is the usual practice. 

The equilibrium Acid + HgO ^ Base -f H30'^ 
will be witten Acid ^ Base -f H+ 

The acidity constant for the acid-base pair will be written 
|Base|.|H+| 

I Acid I 

NORMAL SOLUTIONS. — The term ‘normal’ is applied to a solu- 
tion of an acid which is capable of liberating — ^if the dissociation is com- 
plete — 1 g.-ion of hydrogen ions per litre. Thus, a normal solution of 
hydrochloric acid contains 1 g.-mol of HCl per litre. A normal solution 
of phosphoric acid contains J of a gram-mol of phosphoric acid per litre, 
because, if its dissociation is complete, H3PO4 can liberate 3 hydrogen ions 
per molecule. 

Normal basic solutions are defined in an analogous manner. A normal 
solution of sodium hydroxide contains 1 g.-mol of NaOH per litre. 

We shall use the letter N to designate the normality, and the letter M 
to designate the concentration in gram-mols per litre. Thus an M solu- 
tion of sulphuric acid contains 1 g.-mol per litre. It is twice normal, 2N. 

IONIZATION OF SALTS.— Experience shows that in solution a 
considerable number of salts (particularly the salts of the alkali metals 
and the alkaline earth metals, as well as the perchlorates and the nitrates) 
behave like complexes of very low stability. They are practically com- 
pletely ionized. 

Thus sodium fluoride is completely ionized: 

NaF-->F- + Na+ 
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F“" is a base: Na+ is a neutral ion from the point of view of the acidity 
(very weak acid). 

In a similar manner ammonium chloride gives 

NH4C1-^NH4+ -f ci- 

NH 4 + is an acid; Cl“ is a neutral ion (very weak base). 


pH OF SOLUTIONS OF ACIDS, BASES, AND SALTS 
General formulae for mixture of acid and the conjugate base 
We have I = 


I Acid I 

( 1 ) Consider an acid of the form HA, such as hydrofluoric acid, which 
we shall introduce into the solution at a total concentration of c and the 
corresponding salt NaF which we shall introduce at the concentration c'; 
we have 

NaF— >Na+ + F- 

Thus F” and HF are the conjugate base and acid. 

Let us calculate the pH of such a solution. We have the following 
relations: 

I FiMJEll ^ ^ 

I HF| 

lNa-|=c'; |HF| +iF-| =e +c'; | H+ [ .| OH" | = Kh,o 
F or the solution to remain electrically neutral we must have 
I Na+ I + I H+ I =1 OH- I + I F- I 
We have thus 5 equations and 5 unknowns, whence 


IH+I -Ka" 

+ 1 OH- i 

' * c' + 1 H+ 1 

-iOH-| 


( 2 ) If we take an acid which is a cation, for example NH4+, we obtain 
by mixing NH4CI at the concentration c with NH3 at the concentration c': 


NH, 


H+l 


K'a 


I Cl- I 
and 

whence 


c; 


I NH4+ 1 

NH4+ I + I NH3 I = c + c'; I H+ 1 . 

I NH4+ I + I H+ I = I OH- |+|C 1 - 
c - I H+ I +1 OH- I 


OH- I = 10-1^ 


H+ 1 = K'a 


c' + I H+ I - I OH+ I 
The same applies for the acids which are anions, such as HSO4-. 
A relation in [ H"*" j ® is obtained which can be simplified by making certain 
approximations. 

pH OF A SOLUTION OF AN ACID 

In the general formula, c' = 0 . We then have 

c - I H+ I +1 OH- I 


H+i 


H+l 


OH- I 


(I) 
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with I H+ I . j OH" I = 10"^^'°. This formula permits | H+ | to be obtained 
when and care known. Flood’s diagram (fig. 6) presents these results 
in the form of pH/ - log c curves for different values of pK^. 

Below pH 6-5, | OH~ | becomes negligible in relation to | H+ | and we 
then have 

|H+i2 = KA(c-|H+l) ..... (II) 
We see that over a large region | H+ | is negligible by comparison with c 
and we then have 

|H+|2=Ka.c (Ill) 

or pH = ^pKj,, - I log c 

This is the formula which we shall use in the majority of the eases. It 
corresponds to the FDC region of the diagram. 

Formula (II) corresponds to fairly strong acids, region CABD of the 
diagram. 

STRONG ACIDS.—When the acid is strong (completely dissoci- 
ated), I H+ I approaches c, pH — — log c, w^hich is the line AB of the 
diagram. 

Examples. — (1) Consider a solution of hydrofluoric acid at the total 
concentration of 10~^. Since pK = 3-2, 
we have pH = 1-6 -f 1 =2-6 

(2) In a solution of ammonium chloride we have 

NH4C1--^ NH4+ + ci- 
Cl“ is neutral; NH4+ is an acid of pK = 9*2 
w^henee pH = 4*6 ~ J log c 

(3) pH of a molar solution of aluminium chloride. In water, aluminium 
ions are acids; they are in the form A1(H20)3-^- and pKj^ =4-9 

pH = J4-9 = 2*45 

The solution is at least as acid as a normal solution of acetic acid. 

jpH OF A SOLUTION OF A BASE. — In the general formula, in 
this case, c = 0 (upper part of Flood’s diagram). 

Making similar approximations as in the preceding cases: | H*^ j 
negligible in comparison with | OH" | and | OH" | negligible by com- 
parison with c', a simplified formula applicable to the majority of cases is 
obtained: 

pH=7 + ipKA + ilogc' 

Strong bases. — c' = ) OH~ |, whence pH = 14 + log c. 

Examples. — (1) pH of a normal solution of ammonia. Ammonia is a 
base in the equilibrium 

NHg + H+ ^ NH4+; pK = 9-2 
whence pH = 7 + 4*6 = 11*6 

(2) pH of potassium cyanide in M/10 solution. 

KCN is completely dissociated. 

KCN^ CN" + K+ 

K+ is a neutral ion from the point of view of acidity. 
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CN~ is a base: 

CN- + H+ ^ HCN; pK = 9-1 
whence pH = 7 + 4*55 ~ 0*5 = 11-05 

Basicity constant. — When a base is dissolved in water the equili- 
brium: 

Base + HgO Acid + OH" 


is set up with 


I Acid I . I OH- 1 
I Base I 


This is the basicity constant. 
Thus, with ammonia, we have 


= Kb 


with 


or 

whence 


NHg + HoO ^ NH 4 + + OH- 
|N H,+ |.|OH-| 

' I NH3 1 ~ 

|Base|.|H+| _ 

I Acid I ^ 

Ka.Kb = I H+ I .| OH- I = 10-« 


Either K 4 or Kg can be used in these formulae. For reasons of simplicity 
we shall utilize K 4 . 


pH OF A MIXTURE OF CONJUGATE ACID AND BASE.— 
In the general formula, we can usually neglect | H+ | and | OH“ | in 
comparison with c and c\ We then have 

pH = pKa + log ^ or pH = pK^ + log 

If C-Base = C^dd tlien pH = pK^- 

BUFFER SOLUTIONS. — ^The term ‘buffer’ is applied to a solution 
into which H+ ions can be introduced or from which they can be with- 
drawn, by addition of acids and bases, without notably changing the pH. 
This is the case with a solution containing conjugate acids and bases. For 
example, a buffer solution can be made up by mixing an acid with one of 
its completely ionized salts: for example, acetic acid, sodium acetate, we 
then have the acid, acetic acid, and the conjugate base, the acetate ion. 
A base can also be mixed with one of its salts with a strong acid, this salt 
being completely ionized: ammonia, ammonium chloride- We then have 
the acid, ammonium ion, and the conjugate base, ammonia. 

In effect, the ratio base /acid can be considerably varied without 
changing the pH very much. pH is in fact a function of the form 
?/ = a + log x/(b — x) (fig. 5 ). 

Examples. — (1) Consider a mixture of acetic acid + sodium acetate. 
We have 

CHaCOONa-^ CH3COO- + Na+ 

Na+ is neutral; CH^COf is the conjugate base to acetic acid, pK = 4-8, 
and we have 

pH = 4-8 + log 

CcH.COjH 
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Suppose that the two concentrations are both equal to 1 , then the 
pm = 4*8. If a strong acid be added to the solution at a concentration 
0 -lN, we shall have 

CcHaCO,- = 1 — 0*1, CcHaCOoH^ 1 + ^I'lj = 4*8 + log — = 4*7 

The pH has thus only changed a little; the addition of an acid up to a 
concentration which should be 0 -lN has only changed the pH from 4*8 
to 4*7. In pure water, the pH would change from 7 to 1 . 

( 2 ) Consider the mixture ammonia /ammonium chloride. We have 

NH 4 + ^ NH 3 + H+; pK - 9*2 

Thus the pH of the buffer solution containing equimolecular propor- 
tions of ammonium chloride and ammonia is 9*2. 



acid 


FIG. 5.-pU =pK+ log 


( 8 ) The solution of two salts of the same acid constitutes a mixture 
of an acid and its conjugate base: this is also a buffer solution. 

Taking the case of the mixture monosodium phosphate /disodium 
phosphate, 

NaH2P04-^Na+ + H2PO4- 
NaaHPO^— >2Na+ + HPO 42 - 
and H 3 PO 4 - ^ HPO 42 - + H+ 

Acid Base 


to a first approximation 

pH = 7*2 + log 




Experiment . — Add normal hydrochloric acid to a molar solution of 
sodium acetate, and follow the curve of fig. 5. At the start the pH is 9*4, 
phenolphthalein is red. It is very rapidly decolorized, pH 8-9. A drop of 
bromocresol green is then added (yellow pH 3*8 — blue pH 5*4), As soon 
as the level portion of the curve is reached, the pH changes very little, 
and the indicator is coloured green. 
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On the contrary, in distilled water, pH 5-5-5-0 as CO 2 is present, 
a drop of acid will immediately cause the indicator to change colour. 

Use of buffer solutions. — Buffer solutions play an important role 
in qualitative analysis. They are used for keeping the pH of a solution 
fixed at a known value in order to carry out either a precipitation or an 
oxidation, or sometimes to form a complex. They introduce considerable 
amounts of ions into the solution; the ionic strength of the solution must 
be borne in mind. 

The buffer solutions most commonly used in analysis are the following: 


pH pH 

N-HCl (H 3 O-/H.O) .... 0 M-NH 4 CI + M-NH 3 .... 9-2 

O'lN-HCl . . “ 1 NaHCOa saturated + 

O'OlN-HCl 2 (measured) 9-4 

M-CH.CICO 2 - -f M-CH 0 CICO 2 H . 2*9 M /4-Borax (measured) ... 9-3 

M-CH^COg" -i- M-CHaCboH . . 4-8 O-OlN-NaOH (HoO/OH-) . . 12 

M-hexamine + M-hexamine O-lN-NaOH 13 

hydrochloride 5*0 N-NaOH 14 

NaHCOa satd. -r CO, (measured) 7*4 


EFFECT OF THE CONCENTRATION, DILUTION OF 
ACIDS AND BASES 


It is convenient to define the degree of dissociation 

number of dissociated molecules (or ions) 
total number of ions or molecules 
For an acid in solution in water, we have 
|B ase|.|H+ [ 

I Acid I ^ 

If c is the total concentration of the acid, then it can easily be seen that 



whence 



It is seen that the degree of dissociation of the acid depends solely on 
Ka/c. It can be seen that if is given, then as the solution is diluted, 
c decreases and so increases, and as a result a increases. If the 

dilution is carried far enough, the acid dissociates completely; it then 
behaves like a strong acid. 


Ka/c 

c 

(per cent) 

1, 

li Ka/c 

, 

c 

(per cent) 

< 10-4 . 

< 1 verv weak acids j 

10 

90 

10 -^ . i 

1 ‘ 1 

' 102 

99 

10-2 . i 

10 j 

> 103 

> 99-9 ‘strong’ acids 

0-5 . . 

50 ! 




Similar remarks can be made about basic solutions. 

These results are made clear on Flood’s diagram. 

Flood’s diagram (fig. 6). — This diagram enables one to find the pH 
of various solutions as a function of c and of pK^ no matter what the 
concentration. 
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It is also possible to determine from the graph the pH of buffer 
solutions and of acid-base mixtures, including the cases where the simple 
formulae cease to apply. (See H. Flood, Z. Elektrochem, 1940, 46, 668.) 



Acidj + Base 2 ^ Acid 2 + BasCi . 


(I) 
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is set up, and also the equilibria: 




Acidi ^ BasCi + H+ , . * * 

■ (HI) 



Acidg ^ BasCg + H+ .... 

• (IV) 

with 

1 Basel |.| H+ 

I-K and =K, 

• (11) 

1 Acidi i 

- ana | | 2 


Thus in a mixture of acetic acid and ammonium acetate the following 
equilibrium is set up: 

CH3CO2H -1- NH3 ^ CHgCO^- + NH4 + 

( 1 ) Suppose that equivalent quantities of an acid of one system with 
the base of the other are mixed. In this particular case, we have 


Acidi I + I Base 2 


Acido 1 + 1 Basel i 


Thus, from (I) as much of Basei as of Acid 2 is produced, so that, 
neglecting the quantities of Basei and of Acid 2 produced by the water, 
i.e. when the strengths of the acids and bases and their concentrations are 
sufficiently large, we obtain the relation: 

I BasCi I = I Acid 2 1 whence 
the relations (II) above then give 

I Basel I • 1 Base 

I Aeidi I . I Acid_ ^ 

whence 1 H+ [ ^ = KiK 


Acid, I = I Baseo 


H +|2 = K1K2 


and 


pH = ipKi + ipKg 


The pH is thus in principle independent of the concentration. 

( 2 ) When the proportions of Acidj and Base 2 are not equivalent to 
one another, the final pH is little different from that given by the formula. 
Thus for 

I Acidi I = m I Bascg | 

we have pH — ipKi JpKa — i log m 

The pH changes considerably when the orders of magnitude become 
different. 

Applications. — ( 1 ) piJ of a salt solution. — Take, for example, a 
solution of ammonium acetate CH 3 CO 2 NH 4 . It is ionized: 

CHgCOsNH^-^ CHgCOs- + NH4+ 

and so NH 4 + + CHgCOg" ^ CH 3 CO 2 H + NH 3 

The pH of this solution is the same as that of a solution into which the 
acid CHgCOaHjpKi ^ 4*8, and the base NH3, pKa = 9-2, are introduced 
in equivalent proportions. 

pH = 49*2 + i-4-8 = 7*0 

( 2 ) Mixture of salts with acids or bases . — Consider a mixture of equi- 
molecular quantities of acetic acid and of sodium fluoride. This is a 
mixture of the acid CH 3 CO 2 H and the base F". 

NaF— >F- -f Na+; pK^ = 3*2; pKg = 4*8; pH = ^(3*2 + 4*8) = 4-0 
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For a mixture of equimolecular quantities of ammonium chloride and 
of potassium cyanide, we have 

NH4C1->NH4+ + C1“ . . . . pKi = 9-2 

KCN-^K+ + CN- .... pKg = 9d 
This is a mixture of the acid NH4+ and the base CN“: 

pH = |^(9'2 + 9-1) = 9-15. 

Polyacids, ampholytes, disproportionation. — Polyacids are able 
to give up several protons in succession. Thus carbonic acid: 


H2CO3 ^ HCO3- -f H+ pkgl * 
HCOg- ^ CO32- + H+ pki 1 ’ 

... (I) 

or the cation 


M+,H20 ^ MOH + H+l 

• • ■ (ii) 

MOH ^ MO- + H+ J ' ' 

or again, the ammonium ion: 


NH4+ ^ NHg + H+ pki 1 

. . . (HI) 

NH3 ^ NHg- + H+ pkgj 


It is evidently easier to give up the first proton than the second. 
H2CO3 is thus a stronger acid than HCOg" and pkg < pk^. 

When the solution is made acid, the equilibria (I) above are displaced 
towards the left. There are thus obtained in succession, in going from an 
alkaline solution towards an acid one, the species: COg^", HCOj”, HgCOg. 
Similarly, we have in an alkaline solution the anion MO“, then MOH, 
and finally the cation M+ in acid solutions. The same remarks apply to 
the series NHs", NH3, NH4+. 

Compounds like HC03~ and MOH sometimes behave as acids, and 
sometimes as bases. To them the term ‘ampholyte’ is applied. 

The preceding equilibria can, for example, be represented as 
2HCO3- ^ CO32- + H2CO3 

This is the disproportionation equilibrium, and we have 

i C03 ^"MH3C0 3 1 _ k 

IHCO3-I2 ka 

Since k^ > k^, HCOg" is present in perceptible quantity in the solution. 
We shall see that, by the disappearance of COg®-, or of HgCOg, the 
equilibrium can be displaced towards the right. HCOg" then dispro- 
portionates. It can cease to exist under certain conditions. 

pH of a solution of an ampholyte. — HCOg” is the acid of a system 
with pkj, and the base of the other system of pkg. Since the concentrations 
in the two systems are evidently the same: 

pH = Kpki + pkg) 

and the pH is independent of the concentration. 

In this particular case pH = |(6-4 + 10-2) = 8*3. 

* Small k’s are used to represent ‘partial’ dissociation constants corresponding 
to individual stages of the dissociation of an acid capable of donating more than 
one H+ ion, etc. 

4 
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Summary of simplified formulae 


Solution of an acid 

j, ,5 a base 

,, „ „ salt (Acidi + Bases) . . 

Buffer solution (Acidi + BasCj) . 

Basicity constant 


pH == I^pKa — log C 
pH = 7 + ipKA + i log C 
pH = IpK, + ipKs 


Ka-Kb = Kh,< 


I Acid [ 


Constants of common acid- base pairs in water 


Name of the Acid 

Formula of 
Acid 

: 

Formula of 
Base 

pK 

Hvdronium ion 

H3O+ 

HoO 


Pvrophosphoric acid .... 

H,P,0, 

H3P2O,- 

0*85 

Oxalic acid 


HC2O4 

1-2 

DicMoroacetie acid 

Cl,CHCOOH 

CljCHCOO- 

1-3 

Phosphorous acid 

HjPOs 

H2PO3- 

1-5-1-8 

Hvpophosphorous acid .... 

H3PO2 

HgPOa” 

1-2 

Siiphurous acid 

H2SU3 

HSO3 

1*8 

Bisulphate ion 

HSOj- 

SO42- 

1-9 (1*05) 

Pyrophosphate ion 

HaPjO,- 

H2P207^- 

2-0 

Orthophosphoric acid .... 

H5PO4 

H2PO4- 

2-1-2-2 

Arsenic acid 

H3ASO4 

H0ASO4- 

2-3 

Monochloroacetic acid .... 

ClCHj,COOH 

CICHjCOO- 

2-9 

Hydrofluoric acid 

HF 

F- 

3-2 

Nitrous acid 

HNO2 

NOg- 

3-4 

Formic acid 

HCOOH 

HCOO- 

3-7 

Cyanic acid 

HCNO 

CNO- 

3-8 

Bioxalate ion 

HCA‘ 

C3O42- 

4-1 

Benzoic acid 

CACOOH 

CeH^COO- 

4-2 

Anilinium ion 

C6H5NH3 + 

CeHsNH, 

4-6 

Hydrazoie acid 

HN3 

N3- 

4-7 

Acetic acid 

CH3COOH 

CH3C00- 

4-8 

Alimiinium ion 

AP+,aq. 

A10H2+,aq. 

4-9 

Hexamethylenetetramine ion . 

(CH2)3N4H + 

(CH2)eN4 

4-9 

Pyridonium ion 

CsHsNHh^ 

C5H5N 

5-15 

Bisulphite ion 

HSO3- 

SO32- 

5-3-7-1 

Hydroxylaminium ion .... 

NH3OH+ 

NH2OH 

6-0 

Carbon dioxide 

CO.„aq. 

HCO3- 

6-4 

Pyrophosphate ion 

HaPsO,^’ 

HP2O73- 

6-7 

Phosphite ion 

HsPOa- 

HPO32- 

6-2-6-6 

Arsenate ion 

H3ASO4- 

HASO42- 

4-4-6-8 

Bichromate ion 

HCr04- 

Cr042- 

6-4 

Hydrosulphurous acid .... 

HaS 

HS- 

7-1 

Phosphate ion 

H,P04- 

HPO42- 

7-2 

Hypochlorous acid 

HCIO 

cio- 

7-2-7-5 

Hydrocyanic acid 

HCN 

CN- 

9-1 

Arsenate ion 

HASO42- 

ASO43- 

9-2-120 

Arsenious acid ...... 

HASO2 

AsOg” 

9-2 

Ammonium ion 

NH4+ 

NH3 

9-2 

Boric acid 

HBO2 

BO2- 

9-2 

Pyrophosphate ion 

HPgO,^- 

P207^- 

9-6 

Bicarbonate ion 

HCO3- 

CO32- 

10-2 

Phosphate ion 

HPO42- 

PO43- 

12-3 

Hypoiodous acid 

HIO 

10- 

10-0-12-2 

Calcium ion 

Ca2+ 

CaOH+ 

12-6 

Bisulphide ion 

HS- 

§2~ 

11-9-14-9 

Water 

H^O 

OH- 


Hydroxyl ion 

OH- 

02- 
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Notes . — The acids are placed in this table in the order of decreasing, 
and the bases in the order of increasing, strength. 

Hydriodic, perchloric, hydrobromic, hydrochloric, nitric, chromic 
(pkg) and sulphuric acids (pkg) are strong, placed here in the order of 
decreasing strength. 

Potassium and sodium hydroxides are strong bases. 

An acid can react with all bases placed below it in the table. In 
quantitative analysis we shall see that to get practically complete re- 
action there must be a difference of pK of 5*4 units. 

Bases conjugate with strong and fairly strong acids (top of table) are 
weakly basic and vice versa. 

In principle, pK’s are calculated from activities. 

The values given here can only be used in aqueous solution. 

APPARENT pK VALUES 

pK values given here are those corresponding to the use of concentra- 
tions instead of activities. Their value is given here as a function of the 
ionic strength I. 


VI: 

0 

0*25 

0*5 

HR-^ - R 

- NH 3 . . . 

! 

9-25 

1 

1 9*3 1 

; 9*35 

HR - R- 

H 3 PO 4 - H.PO,- . . 

210 

i 1 

i 1 

1 2*0 

1 

1*85 

HR- - R==- 

"HsPO,- - HPOi^- . . 

7*2 

j 

: 6-85 

6*60 

HR=- - R=- 

HPOj^- - PO 43 - . . 

1 

i 12*65 

121 

1 

11*75 


APPLICATIONS 

( 1 ) Neutralization of an acid. — Consider the neutralization of 
acetic acid by caustic soda. Initially the solution is acid, then we get a 
solution containing both the acid CH 3 CO 2 H and its corresponding base 
CHgCOa”. At the completion of the neutralization there is only the base 
CH3CO2-. 

( 2 ) Neutralization of 00-lM carbonic acid. 

pkg = 6*4; pki == 10*2 
At the start, the solution is acid. 

pH - ipK + 4 log C = 3*2 + 1 = 4*2 

The addition of caustic soda causes HCO 3 - to be formed, and the 
solution then contains the acid H 2 CO 3 and the base HC 03 “, pJ^± = 6*4. 
This is a buffer solution and we have 

_ , 1 HCOs” I 

+ '■> 8^571 
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For 0*5NaOH and iHgCOg, we have of 6*4. 

For INaOH and IHgCOa the solution contains the ‘acid salt’ HCOg- 
which can play the part of both an acid and a base: 

pH = -|pki + ipk 2 = 8-3 

At l-5NaOH we have HCOg" + and pH = pk^ = 10 - 2 . 

At 2 *ONaOH we have COg^- and pH = 7 + ipki + i log C = 11*1. 

(3) Mixtures of acids. — Consider a mixture of formic acid with 
pki = 3*7, and ammonium chloride, pkg == 9*2. Neutralization takes place 
as in the ease of polyacid: 

HCOgH + NH 4 +; pH = Jpki - log C 

In effect the concentration of the ions H 3 O+ due to NH 4 + is negligible 
compared to that w’hich is due to HCOOH. 

We thus obtain the buffer solution HCOoH + HCOo~, pH = pk^, 
when half the formic acid is neutralized. 

When all the formic acid is neutralized, HCOo” and NH 4 + are present, 
constituting a mixture of an acid and a base of two different systems. 
Supposing that the concentrations are equal, we have 

pH = |-pki -f Ipko 

NH 4 + is then neutralized giving the base NH 3 ; a buffer mixture with 
pH = pk^. 

When all the NH 4 + is neutralized, we have a mixture of two bases 
HCOg"" and NH 3 . The stronger base determines the pH: 

pH = 7 + Ipko + f log C 
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CHAPTER V 


COMPLEXES (EXCHANGES OF IONS AND POLAR 
MOLECULES) 


DEFINITIONS. — A complex can give up a ‘particle’: it is the donor of 
this particle, and as a result the following equilibrium is set up: 

Donor ^ acceptor + p 

denoting by p the particle under consideration. 

Example , — The ion FeCNS^t can giv 


FeCNS2+ aq. ^ 


Mercuric chloride is a complex which 


HgCl2,aq, ^ HgCl+, 


The silver ammine complex can donate 


AgNH3+,aq. ^ Ag+ ; 

Generalization of the properties of acids and bases. — Acids are 
complexes with the particle In fins chapter the very numerous 

complexes with other particles will be studied. The general properties, 
the methods of reasoning, and the formulae are analogous to those met 
with in the discussion of acids and bases. We shall summarize them as 
follows: 

ION EXCHANGE REACTIONS 

The particles are unable to exist in the free state and in order for a 
donor. Donors to donate a particle an acceptor, Acceptorg, must be 
present. We thus get: 

Donori — p ^ Acceptor^ 

Acceptorg -h p Donorg 



Donori + Acceptor g ^ Accept or^ + Donor g 
39 
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Example . — Exchange of (CNS' 


Hg(CNS)3- ^ Hg(CNS)o + (C^ 

Fe3+ aq. -f- CNS" ^ FeCNS^^ 

Hg(CJ^')3" - FeCNS2+ Hg(CNS)2 

AQUEOUS SOLUTIONS. HYDROLYSIS. COMPLEXES WITH 
THE IONS OF WATER 

Water probably plays the part of an acceptor relative to all charged 
particles, polar or polarized. 


Example . — Thus if mercuric chloride, which can donate j is 
introduced into water, we have 


HgClo ^ HgCl+ + ( Cl 


and the water combines with the ( Cl“ ) * 



CICH^O)^- 


so that the dissolution of HgClg corresponds to the reaction 
HgCla + mHgO ^ HgCl+ + ClCHaO)^- 

Hydrolysis, or hydration of the particle, causes the ionization of the 
complex. 

But, unlike the proton, water cannot in general donate itself. It can 
donate only H+, OH“, or O^-. Complexes with the ions of water are then 
obtained (see p. 50). 

SIMPLIFIED NOTATION. — In solution, HgCl+ as well as 
is hydrated, and no doubt also HgCL. As in the last chapter, when dealing 



with acids and bases, we shall omit the particle 



in the equations, 


it being well understood that the particle 



in the free state must not 


be confused with the hydrated ion in solution. We thus obtain 

HgC4 HgCl+ + Cl- (I) 

|HgCl+|.|Cl-| 

I Hga, 1 


with 


( 11 ) 




Strength of donors and acceptors. Stability of complexes. — 
In the equilibrium (I), the larger | Cl- |, the stronger is the donor HgClg, 
and consequently the weaker the acceptor HgCl+, and vice versa. 

In the equation (II), the strength of the donor and the acceptor is 
defined by the constant Kg. The larger K^, or the smaller 2 ? Kg, the stronger 
the donor. 

Thus it is pKc which gives us a measure of the strength of acceptor- 
donor pairs. pCl“ expresses the state of the solution. 

If a donor is strong, we say that the complex is of low stability, and 
easily donates its particles. Kc is called the stability constant of the com- 
plex. The smaller or the larger the more stable the complex. 

Examples , — The hj’pochlorous anion C10~ is a weak donor of O^-: 

CIO- ^ C1+ + 02- 

C1+ is a strong acceptor of 02 -. C10“ is a very stable complex with 
02 “ 

NaNOg is a very strong donor of Na+, and is a very unstable complex 
with Na+. 

NaNOg ^ NOg- + Na+ 

Thus NOg“ is a very weak acceptor of Na+. 

On the other hand, NOg- is a very stable complex with 02-; can- 
not be very easily obtained, because it is too strong an acceptor. 

Constants of complexes. — In order to be able to predict reactions, 
it is necessary to have a table of the different constants for each particle, 
Cl~, NOg“, AP+, NHg, etc. Our knowledge in this field is extremely 
limited, since we know very httle about complexes in solution, and know 
only a small number of constants. We shall give a certain number of these 
in the second part of this volume. 


Example , — ^Exchange of 



Donor 

Acceptor j 

Hg(CNS)4"- 

Hg(CNS)3- 

Hg(CNS)3- 

Hg(CNS), 

FeCNS2+ 

Fes+ 

Hg(CNS)g 

HgCNS+ \ 

HgCNS+ 

Hg*+,aq. / 


pk 


1- 7 

2- 3 

pki 4- pkg = 19-7 
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The same remarks can be made as about the exchange of protons, the 
strongest donors are those at the top of the table (weakest, most unstable 
complexes), and consequently these are also the weakest acceptors. 

An acceptor can react with a donor situated below it in the table. 
Thus 

Hg(CNS) 3 - + Fe3+ ^Hg(CNS )2 + Fe(CNS)2+ 

We shall see in quantitative analysis that, for a reaction to be prac- 
tically quantitative (99-8 per cent), a difference of 5*4 pK units is neces- 
sary. 

KCN is a very unstable complex which does not exist in water. 

Characteristic concentration in different solutions. — The lines 
of argument are fairly similar to those already employed relative to the 
proton exchange. Consider for example a system involving F— . 

AIF2+ ^ AF+ + F- 

Donor Acceptor 

For the sake of simplicity we shall suppose that there are no other 
complexes than A1F2+ between AP+ and F". 

Let c be the total concentration of AlF^t introduced into solution 
(e.g. as iVlClFa) and c' the total concentration of aluminium chloride 
added. We have the following equations: 

|AP+I-|F-| ^ K 

I A1F2+ I 

Total concentration of Al: 

c + c' = I A1F2+ I -h 1 AP+ I 


Total concentration of F: 

c = I A1F2+ I + I F- I 


whence 


F~| 

' c' + 


F-| 


F- 


Simplified formulae. — If the complex is so stable at the con- 
centration given that F“ becomes negligible in comparison with c and c\ 
we have 

I F- I = Kc/c' 

(1) Buffer solution for F-. — The conjugated donor and acceptor 
AlF^t and AP+ are introduced into solution at the same time. Then 


pF- = + log * = PK + log c/c' 

i.e. a formula analogous to that obtained for the pH of a mixture of 
conjugate acid and base. 

The mixture is a buffer solution for F-. If F"* be added or withdrawn 
from this solution, the value of pF- changes very little. The pF“ of the 
solution can thus be fixed in the neighbourhood of pF” = pK. 

(2) Solution of the complex AIF ^^. — 

c' = 0, whence pF“ = JpK — J log c 

a formula analogous to that for the pH of an acid. 

(3) Solution of AP +, — | F- j =0, since here the solvent cannot pro- 
vide any exchangeable particle. 
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(4) Mixture of two systems . — Consider the systems 

A1F2+ - A13+ -f F- . . . Ki 
FeF2+ - Fe3+ + F" . . .Kg 

which both involve the particle F“. 

If the acceptor of one of the systems, Fe®+, is mixed with the 
donor, AIF^^, of the other, we have 

A1F2+ + Fe3+-> A13+ -f FeF2+ with j AP+ | = | FeF^^ | 


If A1F2+ and Fe^+ be mixed in equivalent proportions, [ A 1 F^+ ] = | Fe^+ ] 
whence pF- = MpKx + pK.) 

This is a formula analogous to that for the pH of an acid-base mixture* 

Experiment. Buffer solutions of CA'iS'". — We know that the concentra- 
tion of CNS“ can be directly revealed by the addition of a little Fe®+; 
the red coloration of Fe(CNS)-'^ is the more intense, the greater the 
concentration of CNS“. 

A mixture of CNS“ with Hg(II) in excess, constitutes a buffer mixture 
of Hg2-^/HgCNS+. We have 

I I 

FCNS = pK + log I HgCNS+ I 

If a drop of a dilute solution of ferric iron be added to this solution, 
a coloration due to the presence of free CNS~ in the solution is obtained. 

If now dilute thiocyanate be added to this solution, the value of pCNS*" 
changes very little, and consequently the red coloration does not alter in 
intensity. 

A parallel experiment can be made with a solution containing the 
same quantity of Fe^+, to which the same quantities of CNS" are added. 
In this unbuffered solution, | CNS~ | varies rapidly, and as a result the 
red coloration changes rapidly as well. 


CHEMICAL PROPERTIES OF COMPLEXES, SEQUESTERING 

(OR MASKING) 


Complexes are separate chemical entities and their properties are 
different from those of their components. The following types can be 
distinguished: 

( 1 ) Perfect complexes. — They are very stable and practically do 
not liberate particles (non-electro valent bonds). Examples are: FeCNg^", 
Fe(CN) 6 ®-, Co(CN)63-, Au(CN) 2 - NO 3 -, SO^^-^ etc. 

Thus in the ion Fe(CN) 6 ^“, Fe^+ cannot be detected, the ferrous ion 
is completely sequestered. 

But they can be destroyed by variations of temperature, pH, etc. 

( 2 ) General case. — The majority of complexes react with water to 
liberate, to some extent, their constituents in the ionized form as we have 


already seen. Thus 


FeF2+ ^ Fe3+ + F" 


The ion Fe®+ here is partially sequestered. 

Formulae which give pFe®+ or pF- can be applied, and in this way the 
properties of their aqueous solutions may be forecast. These solutions 
contain at one and the same time the constituent ions and those of the 
complex. 
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(3) Very unstable complexes. — The complexes with Na+, K+, 
NH4+, scarcely exist in water. Those with C104“, NOg", Ca^+j Mg2+, are in 
general fairly unstable. Their solutions have the properties of the con- 
stituent ions. SO42-, C1-, give various complexes with the majority of 
cations. They are in general rather unstable. 

Influence of excess of reagent — Take for example the case of ferric iron 
Fe^^, to which a little F~ has been added. The complex fluoride of ferric 
iron FeF2+ is obtained, and we have 


I Fe3+ I 


I FeF2+ I 

Iv r— ; 


Depending on the value of K and the amount of F“ added, | Fe®+ | 
varies. The more stable the complex, and also the more F“ is added, the 
smaller is | Fe®+ |, the ion Fe^+ is more and more sequestered into the 
complex FeF^+, and becomes more and more difficult to detect. This 
property is frequently utilized in analysis in order to mask a given ion. 

Applications. — (1) Detection of Fe^^ by thiocyanate, — If to a solution 
of ferric iron of about M/100 concentration an equal amount of M/100 
thiocyanate be added, the rather unstable but very intense red-coloured 
complex FeCNS2+ is formed : 


Fe3+ -f CNS- ^ FeCNS2+; pK = 2-9 


The intensity of the red coloration is a measure of the concentration of the 
complex. If we continue to add dilute CNS”, then CNS” saturated, the 
concentration of FeCNS^^ increases. As a result, the use of CNS” to 
detect Fe2+ is most sensitive, when the concentration of CNS” is largest, 
hence: to one drop of the solution add a drop of saturated NH4CNS. 

(2) Detection of by o-phenanthroline. — o-Phenanthroline gives 

with Fe2+ a very stable red complex: 


3o-ph. + Fe^+ ^ o-ph3.Fe2+; pK = 17*7 


and the equilibrium is displaced towards the right. When exactly 3 mole- 
cules of o-phenanthroline are added to lFe^+, practically all the ferrous 
Fe in the solution goes into the complex state. Excess of reagent has thus 
no influence on the coloration obtained. 

(3) Differences in stability of ferric complexes. — If a number of identical 
solutions of ferric perchlorate or nitrate are prepared (Fe^+ is practically 
colourless) and different complex-forming substances are added to these 
solutions in equivalent concentrations, then solutions of different colours 
are formed 


YeUow: Cl”: FeCP-f-^ Fe^^ + Cl” = 1*4 

Colourless: H3PO4: FeHP04+ ^ Fe^^ + HP042” . . = 9-4 

Yellow: H2C2O4: Fe(C204)g3- - Fe^+ + = 19-2 

Orange: CN”: FeiCN)^^- pK very large 

Add CNS” to reveal the concentration of free Fe®+ in the solution. 
The intensity of red shows that Fe^+ is increasingly sequestered as we 
pass from the orthophosphate to the pyrophosphate, and then to the 
oxalate complex. In solutions of the perfect complex Fe{C'N)Q^- it is 
impossible to detect Fe^+ by any known reagent. 
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POLYCOMPLEXES, AMPHOLYTES, DISPROPORTIONA- 
TION. — Polycomplexes can donate several particles in succession. Thus 
Hg(CNS),2~: 

Hg(CNS)^^- ^ Hg(CNS)3- + CNS- . . . = 0-6 

Hg(CNS)3- ^ Hg(CNS), + CNS- . . . pkg - 1-7 

. Hg(CNS), ^ HgCNS+ + CNS- . . . pk,] 

HgCNS+ ^ Hg2+ + CNS- .... pkj “ 

It appears that we should always havepk 4 < pkg < pkg < pk^, which 
is the same as saying that CNS~ is more and more strongly sequestered in 
going from the top to the bottom of the table. Inversely, Hg^+ is less and 
less strongly sequestered . 

We thus define the overall constant Ki _4 for the overall process 
Hg(CNS) 42 - - Hg2+ -f 4CNS- 


lHg^^| .|CNS-| 
I Hg(CNS)4^- 


whence ^>Ki -4 == pk^ + pk^ + pkg + jpk 4 = 22. 

The compound HgCNS+ is the donor in the equilibrium (I) (pk^) and 
the acceptor in equilibrium (II) (pkg): it is an ampholyte and we have the 
disproportionation equilibrium 2HgCNS-^ ^ Hg(CNS )2 + Hg^+. 

The characteristic concentration for the solution of an ampholyte is 
given by the usual formula. Here for HgCNS+ we have 


^^CNS- = i(pk, + pk.) 


Polynuclear complexes. — The most frequent type of complex is 
that in which the anions or molecules are grouped around a cation: 
Fe(CN)6^-, Cu(NH 3 )^^+. But other types are known such as Cd 2 (C 204 )^-, 
Aggle^"- Associations of molecules or atoms and of anions can occur: 

I^Cl-, etc. 

Compounds with the ions of water, CrgO^-- for example, are referred 
to as ‘condensed’ ions. 

When the structure involves several central atoms, the complexes are 
said to be ‘polynuclear’. 

Dilution of complexes. — We have already seen (p. 32) that a degree 
of dissociation a can be defined, and that the stability constant is related 


to a by the relation 



where c is the total concentration of the 


complex. 


K/c 

% Dissociation 

K/c j 

% Dissociation 

< 10-® . 

< 0-1 complex stable 

10 . . 

! 90 

10-* . 

1 

102 

99 

10-2 . 

10 

> 103 

> 99*9 complex unstable 

0-5 . . 1 
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For a given value of K, decrease of c (dilution) causes the complex to 
dissociate. If there are several successive complexes, they can be destroyed 
one after the other. 



46 Qualitative Inorganic Analysis 

Example . — As we have seen, when mercury thiocyanate is dissolved, 
the following equilibria are set up: 

Hg(CNS)^2- ^ Hg(CNS)3- -f CNS- . ... p}^^ = 0-6 
Hg(CNS)3- ^ Hg(CNS)2 + CNS- . . . . pkg = 1-7; = 10 

whence the following table: 


c 

k,/c 

1 

1 X 100 

j 

ka/c 

1 

i cCs X 100 

ks/c 

t 

Cg X 100 

10~i ' 

lO"-^ 

75 

10-0.7 

35 

10-9 

0 

10~2 ! 

102-< 

99-6 

101.3 

! 95 

10-’ 

0 

io~3 ; 

lo*--" 

100 

103-3 1 

99-9 ! 

10-5 

0-002 


It is seen that dilution causes Hg(CNS) 42 -, then Hg(CNS) 3 “ to dis- 
appear. Hg(CNS )2 is much more stable, and resists decomposition. 

Experiments. — (1) Destruction of complexes by dilution . — Prepare a 
solution of the ferric tliiocyanate complex. 

FeCNS2+ ^ Fe3+ -}- CNS- . . . pK = 2-9 

Divide the solution into two equal parts and dilute one of them. By 
observing the colour of the solution by looking down the tube, the total 
quantity of FeCNS^*^ in solution can be assessed. Comparing thus the 
colours in the two tubes, it will be seen that dilution has caused part of 
the complex to disappear. 

The same test can be carried out on the more stable ferrous o-phen- 
anthroline complex: 

o-ph.3Fe2+ ^ 3o-ph. -f Fe2+; pK = 17*7 
Dilution has no visible influence on this more stable complex. 

(2) Dilution of cohaltothiocyanate complexes. —To a pale-rose solution 
of a cobalt salt Co^"^ add, a little at a time, a concentrated solution of 
CNS-. A series of complexes are formed in succession: CoCNS+, Co(CNS) 2 , 
etc. The first are a more intense red than Co2+, the later ones are blue. 

When the higher blue complexes are obtained, for instance 
Co(CNS) 42 -, dilute the solution slowly. The higher complexes are 
destroyed first and the blue colour disappears. 

INFLUENCE OF THE IONIC STRENGTH OF THE SOLU- 
TION. — Consider a complex, for example FeCNS^^. We have 
I Fe3+ I . I CNS- 1 
I FeCNS2+ I ' ^ 

whence x Cqjjs- ./cks- _ ^ 

CFeO]SrS®+ •/FeCNS*+ 

or ■ Cpys- ^ -fcm- ^ 

^FeCNS®+ /FeCNS2+ 

K' is the apparent equihbrium constant; it has a fixed value for given 
conditions. If the ionic strength increases, the activity coefficients deviate 
from unity, and the apparent constant K' increases. The complex behaves 
as though it were less stable. 

Experiment . — To a solution of ferrithiocyanate add some solid sodium 
nitrate: the colour of the complex disappears gradually. 
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COMPLEXES AND ACIDITY 
(EXCHANGE OF PROTONS AND IONS) 

INFLUENCE OF pH ON THE EQUILIBRIUM OF 
COMPLEXES 

COMPLEXES CONTAINING A BASE.—Consider the ferrifluoride 
complex, FeF^-^. In water the following equilibria are set up: 

I Fe3+ I . I F" i 

FeF2- ^ Fe3+ + F- with ‘ , -i = K, . (I) 

[ FeF"*^ I 

F~ is a base, and consequently: 

i F- i.l H+l 

F- + H+ HF with L -. XL - i , (11) 

If an acid is added to a solution of the FeF2+ complex the F“ ions will 
disappear, and the equilibrium (II) will be displaced towards the right, 
which causes the equilibrium (I) also to be displaced towards the right; 
the complex ions dissociate, and Fe®+ ions appear. 

An approximate calculation enables us to describe the phenomena 
more precisely. Suppose we introduce the complex FeF2+ at the total 
concentration c, we shall then have, supposing the complex to be suffi- 
ciently stable, 1 FeF2+ | c::; c. 

On the other hand, the total concentration of fluorine is equal to that 
of iron: 

I FeF2+ I -I- ] F“ I + I HF 1 = j FeF2+ | + | 1 

whence | F“ | + | HF ] = | Fe®+ | 

Besides this, there are the relations in (I) and (11) involving the 
constants and Kj^, whence 

I Fe.* I = 

This formula, which gives the value of Fe^+ as a function of pH, is valid 
only in the region where the complex is sufficiently stable. 

It will be noted that | Fe^+ ] depends on the initial concentration as 
well as on the pH, and on the stability constant of the complex and on 
that of the acid-base pair involved. More of the complex is destroyed the 
more acid the solution, the stronger the base, and the less stable the 
complex is initially. 

Influence of pH and of PKa* — W hen | H+ | < or pH > pK^, 

1 I /Ka rapidly becomes negligible relative to unity, and 

I Fe»+ I = Vk,.C 

pH has thus no influence. 

When pH < pKaj | H+ | /Ka rapidly becomes extremely large relative 
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to unity, and then [ 1 = VKcC.\ H+ |/Ka* Thus | Fe^+ | is propor- 

tional to I H+ 1^. These results are depicted in fig. T. Here Ka = 10 3-2. 
Above pH 3-2 the stability of the complex does not change. Below 3-2 
the complex gradually liberates Fe®"^ ions; but, since comes in as a 
factor, the concentration of ferric ions is not appreciable above this pH. 
With very stable complexes the pH can be very much lower than pH^. 
A pH can be defined, below which the complex can be considered as 
stable. 



FIG. 7. ^APPARENT STABILITY OF FeF^+ COMPLEX AS 

A FUNCTION OF pH 


With the carbonate complexes, pk^ = 10 - 2 , hydrosulphide complexes, 
pki = 14*9, phosphate, pk^ = 12-3, etc., the destruction of the complex 
commences even in alkaline solution. 

With the very stable Fe(CN) 6 ^-, Ag(CN) 2 “, Co(NH 3 ) 63 +, the destruc- 
tion of the complex is inappreciable even at a pH of 0 . 

Another example . — In a solution of mercury cyanide, Hg(CN) 2 , M/10, 
the concentration of Hg2+ ions varies with pH according to the relations 


|Hg2-i-|.lCN- 


: 10 - 


and 


I CN-I.I H+ 1 


= 10 - 8 * 


.Hg(CN) 2 l " IHCN. 

In the region where the complex is stable, that is to say where [ Hg 2 + | 
is negligible compared with | Hg(CN )2 |, we find, proceeding as before. 


1 Hg2+ I 



I l y 

10 - 9*1 j 


Right up to a pH of 9 * 1 , the concentration of Hg ions is independent of 
pH. At pH 5 , the concentration of Hg ions is still only i.e. negligible. 
Even at pH of 1, approximately 90 per cent of the Hg(CN )2 remains 
undissociated. 

Influence of an excess of reagent. — Returning to the example of 
FeF®+, the addition of excess F“ causes a decrease in the activity of the 
free Fe^+ and as a result the destruction of the complex is shifted to more 
acid regions. 

Ammonia complexes (ammines). — These complexes are numer- 
ous. Ammonia is a base, and as a result these complexes are less stable in 
acid solution because NH 4 + ions are formed: 

NHg -h H+ ^ NH 4 + 
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The addition of ammoniacal salts containing NH4+ to the solution, on the 
other hand, displaces the equilibrium to the left and increases the stability. 

The cobaltiammines, which are very stable complexes, are not always 
destroyed in acid solution. On the other hand, complexes with Fe^+, 
Mn2+, Zn2+ Ni2+ Cu2+ Cd^+ are destroyed. 

Hydrosulphide complexes. — In the presence of an excess of S^“* ions, 
that is to say when sulphide is present in excess, certain sulphides, of 
arsenic, tin, antimony, etc., dissolve as hydrosulphide complexes. There 
is a certain analogy between this and the dissolution of hydroxides in 
alkalis. The 0-“ ions are replaced here by the S^- ions, which are strong 
bases (pK 15). These complexes are destroyed in acid solution. 

Complexes with neutral ions. — CNS", Cl“, NOg- are very w^eak 
bases not capable of accepting protons. The corresponding complexes are 
not influenced by pH changes. 

Complexes involving an acid. — The same remarks apply here. 
These complexes are less stable in alkaline solution. 

Thus in 

BF4- ^ B3+ + 4F- 

B 3 4- is a very strong acid: 

B3+ SH.O ^ B(0H)3 + 3H+ 

BF4“ is not stable in alkaline solution. 

Experiments and applications 

(1) Influence of pH on the cupriammine complexes. — Add to a dilute 
solution of a copper salt a little ammonia NH3. If the solution is acid, the 
H+ ions disappear to give NH4+ ions, and a buffer mixture NH4+ — NH3 
finally results, having a pH of approximately 9. The intense blue cupri- 
ammine complexes, Cu(NH3)2+^, are then stable. Inversely, addition of 
acid destroys the complexes and the blue coloration disappears when the 
pH has fallen sufficiently low. 

(2) Detection of cobalt Co^+ in the presence of Fe^+. — Make the follow^- 
ing tests: (a) To an acid solution of Fe®"*" add CNS“: the red complex 
FeCNS^+ is formed. CNS“ is an extremely weak base (HCNS is a ‘strong’ 
acid) so that variations of pH are without influence on CNS“. Add 
fluoride F“ to the solution: this is a base, the H+ ions are used up to produce 
HF and finally the buffer mixture F~/HF is arrived at. At this pH the 
fluoride complex FeF^+ becomes stable, more stable than FeCNS^^, and 
the red coloration due to FeCNS2+ disappears. If now a strong acid is 
added, the pH decreases, the complex FeF2+ will be more or less 
destroyed, and the red coloration of FeCNS^**" partially reappears. 

(5) Co 2+ gives with CNS~ complexes of low stability, such as 
Co(CNS) 42“, which are blue. A large excess concentration of CNS“ is 
necessary to get this coloration. The addition of F“ has no effect. 

(c) Fe^+ and Co^+ can thus be detected as follows. A drop of the 
solution to be examined is taken, and a drop of saturated NH4CNS 
solution added; the red coloration of FeCNS-+ indicates the presence of 
Fe®+. This very strong colour masks the blue colour of cobalt. Add solid 
sodium fluoride gradually until the red colour of FeCNS^+ disappears. 
The blue coloration of Co^+ is then visible (we shall see that this colour 
can be made more perceptible by the addition of alcohol). 
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DISPLACEMENT OF ACID-BASE EQUILIBRIA BY THE 
FORMATION OF COMPLEXES 

Example , — Consider hydrocyanic acid HCN: 

HCN ^ CN- + H+; pKj, = 9-1 . . . . (I) 

If Ag ions are added in small quantity, then 

2CN- + Ag+ ^ Ag(CN)2-; pK^ = 20*9 
The CN" ions disappear, and the hydrocyanic acid ionizes because of the 
displacement of equilibrium (I) to the right. The solution becomes more 
acid. It can therefore be said that the disappearance of one of the acid or 
basic ions by the formation of a complex ion apparently reinforces the 
properties of the conjugate acid or base. 

Note , — This is not valid unless the base formed, here Ag(CN) 2 “, is so 
weak (HAg(CN )2 is a sufficiently strong acid) that the H+ ions remain 
free. This is certainly the case whenever a stable complex is formed. 

Experiments. — (1) Take a solution of ammonium sulphate. It is acid 
and if a drop of methyl red is added an orange colour is obtained — 5 
approximately. If to this solution Ag+ ions are added via a solution of 
AgNOg, then the NHg disappears as a result of the formation of argento- 
ammine complexes. 

NHg + Ag+ ^ AgNH3+ 

The solution becomes more acid, and the methyl red turns red. 

(2) A solution of cyanide CN~ is basic (pK — 9-2) and the addition 
of a drop of bromothyraol blue turns the solution blue ( 2 ^H > T-6). Add 
a drop of dilute acid: the solution remains alkaline. 

On the other hand, if a solution of mercuric chloride is previously 
neutralized using the same indicator, and the two solutions are mixed 
adding an excess of the mercuric chloride solution to that of the cyanide, 
CN“ disappears. 

Hg2+ 4- CN- ^ HgCN+ 

The solution ceases to be alkaline, and the indicator turns yellow, 
pH < 6 0. 

COMPLEXES WITH THE IONS OF WATER 

Water and its ions play a special role in aqueous solution. Water can 
donate H+ HgO, OH-, O^- 

Complexes with H+ are acids. 

All ions are complexes with water molecules (solvation). They have 
special properties because of the constant and very large concentration of 
HgO. We shall study them in the second part of this volume. 

Complexes with OH-, O^- are very numerous. Because of the acid and 
basic properties of the different particles, the corresponding complexes are 
influenced by pH. 

Mono acid cations.— The hydrated cation M+ HgO is a polyacid: 

M+ HgO ^ MOH + H+ (I) 

1 MOH|.| H+l 

[m+] “ 


with 
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MOH MO- + H+ (II) 


with 


1 MOH 1 


In acid solution, the two equilibria are displaced towards the left. 
Going from alkaline to acid solutions, the anion, then the hydroxide, and 
finally the cation are encountered. 

According to (I) \ve have 


jM^I ^ I H+ I 
I MOH I ka 

Since | H-^ j > kg or pH < pkg, [ M*t j becomes larger than | MOH |. 
Thus the cation predominates. From (II), it is seen that the anion 
predominates when pH > pk^. 

If the cation is very acid, pkg is smaller than — 1*7, and the cation 
ceases to exist in aqueous solution. Similarly, if pk^ is greater than 15*7, 
the very basic anion ceases to exist in aqueous solution. 


M+ MOH 

[ 

pH pkg pki 

H3O+ 


MO- 
1 


OH- 


Formulae of hydroxides. — In the same way as the formulae of ions 
have been simplified by omitting the water of hydration, those of 
hydroxides will be simplified by omitting from their formulae all water 
molecules not necessary for the explanation of their properties. 

Thus the simplest ferric hydroxide has the formula FeOgH. In 
Fe(OH)3 the strongest acidity is already very weak, and the others can be 
neglected. 

Polyacid cations. — ^When a cation carries several charges, there are 
several acid-base pairs thus: 

AP+ H2O ^ A10H2+ 4- H+ 

A10H2+ ^ A10+ + H+ etc. 

Examples are cations such as VOOH+, Ce(OH)®+, etc. 

Examples . — Ions derived from boron. We have 
B3+ 3H2O ^ B(0H)3 -f 3H+ 

B(0H)3 ^ H^BOg- (or BO3-) + H+ 

B3+ is very acid and does not exist in w^ater (or if it does, its concentration 
is quite negligible). When BCIgis introduced into water, even in very acid 
solution, boric acid B(OH)3 (or BO2H) is obtained. 

In alkaline solution, BOa" is formed. 

B3+ HBO, BO.” 

1 , : — 

pH - 1*7 9 15*7 

Ions derived from P®+. — ^With phosphorus in the fifth state of oxida- 
tion, P(V), we have 


P 5 +... H3PO4 H2PO4- HP04^“ 

[ J ; 

pH - 1*7 2-2 7 2 

5 


PO4"” 


— I — 

15-7 


12-3 
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Monobasic anions. — With the simple anion A“, we get in a similar 
way: 

I A- I . I H+ I 

A” + H+ ^HA with i ^ ^ = ki 

xlA. 

HA 4 - H+ ^ H 2 A+ with ^ ' 

I Hi,A+ I 

H 2 A+ HA A- 

pU pk^ 

Examples. — {a) Ions derived from oxygen . — 

H 3 O+ HgO OH- 02 - 

1 ' 

pU. - 1-7 15-7 

Between the limits of / jH -- 1-7 and 15*7 molecules of water alone exist. 

{b) Ions derived from nitrogen. — N®-, NH^-, NHg-, being very basic, 
do not exist in aqueous solution. 

NH 4 + NH 3 

pH - 1-7 9*2 

(c) Ions derived from iodine. — The sole ion existing over the whole pH 
range is I”. 
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COMPLEXES AND OXIDATION-REDUCTION 
(EXCHANGE OF IONS AND ELECTRONS) 


I. Changes in oxidation- reduction properties as a result of the 
formation of complexes 

CONSIDER the oxidation-reduction system; 

Fe®+ + e Fe2+ with E = E„ 4- 0-06 log • (I) 

The addition of fluoride ions to the solution causes the complex ion 
FeF^-i- to be formed. 

1 Fe^^ ii F- ! 

Fe3+ + F- ^ FeF2+ with ^ = K . . (II) 

The addition of fluoride ions causes ferric ions to disappear, the ratio 
! Fe®+Fe \/\ i decreases, E is reduced, the solution becomes less oxidizing 
and thus more reducing. 

Thus in the presence of fluoride ions ferric ions are weaker oxidants, 
whilst ferrous ions are stronger reductants. 

The formation of a complex apparently weakens the oxidizing or 
reducing power of the complexed ion. The properties of the conjugate ion 
are apparently reinforced. 


Potential of a complex system 

Here, equilibrium (HI) corresponds to equilibria (I) and (II)- 

FeF2+ + e ^ Fe2+ + F- (Ill) 

and we have 

I Fe3+ 1 „ KJ FeF2+ | 


E == Eo + 0*06 log - 


Fe2+ 


= Eo + 0*06 log 


Fe2+ I 


= Eo + 0*06 log Kc + 0*06 log - 


FeF2+ I 


Fe3+ |.| F" I 


Thus a new normal potential can be defined: E'q == Bo + 0*06 log 


for system (III). 

E will thus be smaller, the smaller K^, the more stable the complex, 
and also the larger the concentration | F- | of the complex- forming ion. 

Case where both oxidant and reductant are ‘complexed’. — 
Consider the oxidation-reduction system: 


Co^+ + e 


Co2+ 


with 


E = 1*84 + 0*06 log 


1 Co^+ 1 
1 Co2+ 1 


volts 


If CN“ ions are added in sufficient quantity the Co^+ and Co^"^ ions will 
disappear with formation of the cyanide complexes, Co(CN)6^“ and, 
possibly, of Co(CN)6^-. We have the relationships: 

, 1 Co3+|.| CN"|« 

Co(CN),=>- ^ Co^+ + 6CN- with |Co(C^, 3 - j " = 


53 



54 

and 


Qualitative Inorganic Analysis 


Co(CN) 6^- ^ + 6CN- with 


I Co^+\.\ CN- 
i Co(CN)5^- 


whence 


B = 1-84 + 0-06 log 


Kok 1 Co(CN)e3- I 

kiied I Co(CN),«- I 




To the new oxidation-reduction system: 

Co(CN)63- + e ^ Co(CN)64- 
corresponds the normal potential 


jK 

E'o = 1-84 + 0-06 log volts 
"'Red 

Experiment gives E'o = — 0*83 volt. 

The system has thus become strongly reducing, since K(Ox)/K(Red) 
= 10“^^: the cobaltieyanide complex is vastly more stable than the 

I Co^+ I 

cobaltocyanide one. The ratio j- has become very small. 

Note . — These deductions are applicable in cases where the equilibria 
are set up between the simple and complex ions, and when they set up 
quickly enough. This is undoubtedly not the case for the equilibrium of 
Co(CN) 6®“ with its ions. 

Experiments. — {a) The reducing power of Co 2 + in the presence of 
CN“ ions can be demonstrated thus: 

Methylene blue is not reduced by Co 2 +, nor by CN-, but when both 
ions are present together it is decolorized. 

To a small amount of a dilute solution of a cobalt salt, add methylene 
blue solution until a blue tint is obtained. Add a drop of a cyanide solu- 
tion, also coloured blue with methylene blue; there is instant decoloriza- 
tion. 

(6) Cu(II) salts have only a small oxidizing power: in particular, they 
do not oxidize benzidine. In the presence of CN", these salts however 
become strongly oxidizing, because there is a cuprocyanide complex 
much more stable than the cupricyanide one. Benzidine is then oxidized 
to a very deep blue. 

To a dilute solution of a cupric salt, add a little acetate buffer (pH 4*8) 
then several drops of an alcoholic solution of benzidine. The coloration is 
still very weak. Add a drop of cyanide; the benzidine is oxidized to an 
intense blue. 


II. Influence of oxidation or reduction on the equilibria of com- 
plexes 

Reciprocally, complexes can be either stabilized or destroyed by 
oxidation-reduction. 

Experiment.— Form red FeCNS2+ by adding CNS- to Fe^+. Add a 
drop of stannous chloride: the red colour disappears with the formation of 
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Fe^+ and CNS~. If is present, the blue colour of the corresponding 
complex thiocyanates can be observed. 


Normal potentials of certain systems of complexes 


Co(CN)e®- + c ^ Co(CN)g^- . . 
Fe(CN)e«- ^ e ^ Fe(CN)e^- . . 
PtCle^” -r 2e ^ PtCl^^- + 2CI- 
AUCI4” + 2e ^ AuClg" -h 2C1“ 
PdCIg^- -f 2e ^ PdCl42- -f 2C1- 


- 0-83 volt 

- 0-36 „ 

. 0-76 „ 

. 0*95 5 , 

. 1*30 „ 


Notes. — (a) Other values are given in the second part of this volume. 
Wlien the composition of the complexes is unknown, the values of the 
formal normal potentials must be used (see p. 19), A certain number of 
these values are also given in Part II. 

(b) We shall deal in Chapter VIII with the oxidation-reduction pro- 
perties of complexes with the ions of water. 



CHAPTER VHI 


ACIDITY AND OXIDATION-REDUCTION 
(EXCHANGE OF ELECTRONS AND PROTONS) 


I. Changes in oxidation- reduction properties with pH 
CONSIDER the oxidant-reductaiit system quinone-hydroquinone. In 
sufficiently alkaline solution we have 

0=C,II,^0 +2e^ -O— CgH^— 0“ 


which we will represent, for simplicity, by 

I Q I 

Q 4- 2€ ^ Q2-- with E = Eo + 0-03 log y-fA. = b-08 volt (I) 

I Q I j 

But hydroquinone is dibasic: 


Q2- J. H+ ^ 

HQ- with 

IQ^-MH+l 

• (H) 

i HQ- i • 

HQ~ 4- H ^ 

HgQ with 

|HQ-|.iH+i 

1 h,q 1 - • 

• (HI) 


pkg = 10-0; pkj == 11-5 

Thus if the pH is decreased (solution becomes more acid), Q^- disappears 
and HQ~ appears; as a result, the ratio Q/Q^~ increases, the system 
becomes apparently more oxidizing. 

Note . — We have argued in the same way for complexes (p. 53). Here 
w^e are dealing with the disappearance of Q^- by formation of a complex 
with H+. 

Formal potential. — The problem which confronts the chemist is to 
predict the potential, at a given pH, of a solution in which are present 
given total concentrations of quinone and hydroquinone, without going 
into the details of ionization. 

If c and c' are the total concentrations of quinone and hydroquinone 
respectively, we have 

I Q I = c (omitting activity coefficients). 

I Q2- I + 1 HQ- I + IH^Q I = c' 


whence, using relations (II) and (III): 

IQ 

whence 


E — Eq -f" 0*03 log ^ 




/ |H+i |H+{2\ c 

E = Eq 4- 0*03 log f 1 4 — — 4 — — j 4- 0*03 log — 


= E'o 4- 0»031og— 
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In this way, a formal normal potential (c == c') which depends on pH 
is defined (fig. 8). 



FIG. 8. — THEORETICAL FORMAL NORMAL POTENTIAL OF THE SYSTEM 
QUINONE-HYDROQUINONE AS A FUNCTION OF pH 


Note . — In reality, an unstable complex "quinhy drone’, a compound 
between quinone and hydro quinone, is formed. 

It will be observed that above pH == pk^ = 11*5 practically all the 
hydroquinone is in the form of Q^”. Thus the system Q^- — 2e ^ Q 
exists. In the general formula for the potential, | H+ | /k^ and | H+ | ^/kikg 
are negligible compared with unity and E = 4- 0*08 log c/c' with 

Eo = 0-08 volt. 

For pka < pH < pkj, the predominant form is HQ-. The oxidation- 
reduction system is then 


with 


E = El + 0-08 log 


HQ“ — 2c ^ 
QI.IH+I 


HQ- 


Q -i-H+ 

= El 4- 0-08 log H+ 


0-08 log 

c 


== El 4 - 0-08 log pH 4- 0-08 log ^ 

c 

This corresponds to the fact that in the general formula, | H+ | /kj is 
then very large relative both to unity and | H+ l^/kikg. We can deduce 
that El = Eq — 0-08 log ki = 0-41 volt. 

Finally, for pH < pkg, all the hydroquinone is in the form of HgQ, and 
we are then dealing with the oxidation-reduction system 

H^Q - 2e ^ Q + 2H+ 

with E - Es + 0 08 log rW - Tu i-^- = Eg - o-oa pH + 0-08 log - 

I HsW I c 

which corresponds to neglecting, in the general formula, imity and 
I |/ki relative to | H+ p/kikg. We find: 

Eg = Eo — 0-08 log ki — 0-08 log kg = 0-70 volt 

We have thus defined two new normal potentials, Ej and Eg. 
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Oxidation- reduction properties of complexes with the ions of 
water as a function of pH 

For the system (V(V)/V(IV) ), the usual normal potential is given by 

I V5+ I 

V54- -I- c ^ V"+ with E - E 5 + 0-06 log j-^— I 

but V®+,aq. is a strong acid and, even in acid solution, the cation 
VOa+.aq. is formed: 

- VO 2 +^ 4- 4H+ 


similarly V^+ is too acid to exist in water: 

HgO ^ VO 2 + + 2H+ 

We have in practice a new oxidation-reduction system 
VO 2 + + 2H+ 4 - c ^ VO 2 + 4 - H 2 O 


for which a new potential can be defined as before. This potential is 
related to E 5 by the acidity constants of the V^+/V 02 + and V^+/V 02 + 
pairs: 


E = E's 


+ 0-06 log 


I VO.+ I-IH+I 
I VO2+ I 


which can be expressed as: 


I VO„+ I I VO 0 + 1 

E = E', - 0-12 pH + 0-06 log = E" + 0-06 log 

E'g is known to the chemist, as also is | VO 2 + | and | VO^^ |. It is con- 
venient to represent E'^^ as a function of pH (fig. 9). 

Other examples . — The following oxidation-reduction systems involve 
electrons and protons: 

MnO^- 4 8H+ 4- 06 ^ Mn2+ + 4 H 2 O 
CrgO^^"' 4 14H+ + 6c ^ 2Cr^+ 4- 7 H 3 O 
If equivalent quantities of oxidant and reductant are mixed, the 
formal potential varies with pH. The corresponding curves are given 
in Part II for a large number of systems. 


Fields of predominance of ions and molecules as a function of 
pH and of oxidation- reduction potential 

Turning our attention to the curve in fig. 8: for pH = pkg (line BE), 
we have | H 2 Q | = | HQ- 1; for pH == pk^ (line CF), we have 
I HQ” I = I Q2~ I . To the left of BE, HgQ predominates; to the right of 
CF, Q2-; between the two lines, HQ”. The curve ABCD indicates the 
potential for [ total Quinone | = | total Hydroquinone |; for AB, 

1 Q I = I H 2 Q |, for BC, I Q i = 1 HQ- |, and for CD, | Q | = | Q^- |, 
more or less exactly. Above this curve, the potential is higher and 
quinone predominates; below it, the various forms of hydroquinone 
depending on the pH. In this way the fields of potential and of pH in 
which each form predominates are delineated. 

Note. — The different lines in reality flow smoothly into one another 
without sharp ‘corners’. 

Use of the curves of formal oxidation- reduction potential 
against pH. — Take for example the curves relating to the systems 
V(V)/V(IV) and I°/I-. It can be seen from these curves (fig. 9) that the 
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vanadates oxidize the iodides in acid solution, whereas in neutral or 
alkaline solution iodine oxidizes vanadyl salts. 

From a knowledge of the curv-es for different systems the oxidation- 
reduction reactions in all solutions can be predicted. 

Note . — The reactions can be slow (see p. 108), and the predictions are 
not verified. 

Experiments. — (a) The curve representing x\s(V)/As(III) is analogous 
to that for the V(V)/V(IV) system. Arsenic acid, As(V), oxidizes iodides 
in acid solution, and iodine oxidizes arsenious acid, As(III), in neutral 
solution. 



FIG. 9. FORMAL NORMAL POTENTIALS FOR THE SYSTEM V(V)/V(IV) 

AND I 2 / 2 I- AS A FUNCTION OF pH 


To a solution containing arsenious and arsenic acids adjusted to a pH 
of 8 by addition of sodium bicarbonate, add a little iodine and starch 
solution. The iodine is reduced and the solution remains colourless. 
Acidify the solution strongly; the iodide is oxidized, iodine is formed and 
the starch becomes coloured an intense blue. 

{h) The ferricyanide-ferrocyanide system: 

Fe(CN)e3- + e ^ Fe(CN)6^~ 

has a potential independent of pH above pH 4. Below this, the formal 
normal potential rises (fig. 10) apparently by disappearance of Fe(CN)6^“ 
to form HF'e(CN)g®“. 



Pa 

FIG. 10. — FORMAL NORMAL POTENTIAL OF THE SYSTEMS 

Fe(CN)6^"/Fe(CN)6^~ and of benzidine /oxidized benzi- 
dine AS A FUNCTION OF pH 
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Colourless benzidine can be oxidized to a blue form and the formal 
potential for the system is reproduced in fig. 10. The two curves cross 
at A. 

Make a mixture of solutions of ferrocyanide-ferricyanide, which is a 
buffer fixing the oxidation potential at E = 0*45 volt. 

Add a drop of benzidine in alcoholic solution. In a solution where 
pH < the benzidine remains in the colourless form; at pH > pA, the 
benzidine is oxidized and an intense blue develops. 

Balancing equations. — When there is simultaneous exchange of 
electrons and protons it may be difficult to balance the reaction equations. 
A simple method is to decompose the system into two parts, and to 
equilibrate first the electron exchange, then the exchange of the other 
ions, and then H+, which remain in the same state of oxidation 
during the reaction. 

Examples, — (a) Permanganate oxidizes ferrous iron: 

Mn(VII) -f 5c— >■ Mn{II) 

5[Fe(II) - Fe(III)] 

whence Mn(VII) + 5Fe(II)-> Mn(II) + 5Fe(III) 

or, introducing the ion which really exists in water, Mn04~, then equili- 
rating 0^“" and finally H+: 

MnO^- + 5Fe2+ -f- 8H+ — > Mn^^ + 5Fe®+ + 4H2O 

The fact that the equation balances electrically can then be checked. 

(6) The action of iodate on zinc mercurithiocyanate in the presence 
of chloride ions can give iodine chloride on the one hand, sulphate and 
cyanide ions on the other. 

15+ 4^ — ^ 1 + 

CNS- - 6c — > S6+ + CN- 
24 electrons must be exchanged: 

615+ 4CNS-~^ 61+ 4- 4S®+ + 4CN“ 

whence 

6103“ + Zn[Hg(CNS)4] + 6C1- + 8H+-> 

6IC1 + Hg2+ + Zn2+ 4- 4SO42- r 4HCN 4- 2H2O 

(c) The oxidation of alcohol to acetic acid by permanganate. 

Mn^+ 4. Mn^+ 

CgHgOH-^ CH3CO3H 

- 4c-^ [C,f 

whence 

4Mn04- 4- 3C2H5OH 4- H+— )^4Mn02 4- SCHgCOa” + 5H^O 

The action of air and water 

(a) Water can play the part of an oxidant: 

2H+ 4- 2c ^ Ha t 

or 2H2O + 2c ^ Ha t 4- 20H-' 

I H+12 

E =E3 4-0-0alog*-~^ 

1 H-a I - 


with 
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We have seen that the reaction is extremely slow in the absence of 
catalysts; in practice it is negligible, except with energetic reductants: 
the latter liberate hydrogen: 

2Na j 2Na-^ + f 

even in alkaline solution. 

Zn I -f 2H-t-~>Zn2+ + Hg f 

Certain ions are also oxidized with liberation of hydrogen. Thus the 
chromous salts are converted very slowly to the chromic state: 

2Cr2T 2H+— > 2CT3+ + Ha f 

(b) Water can play the part of a reductaiit: 

2H2O - 4e ^ 4H+ 4- O2 t 
or 40H- - 4e ^ O2 t -f 2H2O 

or again 20^- — 4e ^ O2 f 

E = 1 ■23-0*00 pH volts when the pressure of oxygen over the solu- 
tion is 1 atm. But the reaction is very slow^ On the other hand, very 
energetic oxidants react at a considerable rate. 

2F- -f 2H20“^4HF -f O2 t 

Inversely oxygen, in particular atmospheric oxygen, behaves as an 
oxidant. The reaction is slow. 

O 2 t 4H+ -f 4Fe2+->> 2 H 2 O -f 4Fe3+ 

Iodides, etc., are also oxidized. 

Water limits the potentials on the oxidizing and reducing sides: the 
over-energetic oxidants and reductants react with winter and, as a result, 
do not exist in aqueous solution or do so for only a short time. 

We shall see that disproportionation reactions can cause the dis- 
appearance of certain oxidation states. 

Variations of pK during oxidation- reduction reactions 

Inversely, oxidation-reduction reactions can cause changes of pH. 

Examples. — {a) Arsenious acid can be oxidized by iodine in weak 
alkaline solution. 

HAsOg + I2 + 2H2 O HAs 042~ -f 21- + 4H+ 

The solution becomes more acid. 

Take a solution of arsenite and add acid to it until the red coloration 
of phenolphthalein commences to decrease in intensity. Oxidize the 
solution with iodine: the phenolphthalein decolorizes, showdng that the 
pH changes during oxidation. 

(i>) lodate can be reduced by thiosulphate ions, SgOg^-, in the course 
of which protons are used up: 

IO3- + 6H+ + 6S2032-“> I- 4- SHaO 4- 

The following experiment can be made: add a drop of methyl orange 
to a solution of iodate; methyl orange is red in acid, and yellow in less 
acid solution. Add now a drop of acid. The M.O. becomes red, because 
IQa" is practically non-basic (HIO3 is a strong acid). 

Carry out the same operation with SgOg^- in another test-tube; the 
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same thing is found, because is also a very weak base (HSgOg" is 

a strong acid). 

Mix the two solutions; the M.O. turns yellow on account of the dis- 
appearance of the H+ ions during the oxidation-reduction reaction. 


Disproportionation under the influence of pH 

Consider the oxidation-reduction systems of chlorine: 

• Cl" - c ^ CP and CP - e ^ C1+ 


The corresponding disproportionation equilibrium is 

CI 2 - Cl- -h C1+ (I) 

C1+ is an acid; C1+ -f HsO-^ HCIO + H+. 

As a result, when the pH increases, Cl+ disappears (even in very acid 
solution) to be replaced by HCIO: the equilibrium (I) is displaced to the 
right; Clg disproportionates. When the pH has increased sufficiently, 
there is practically no Cl 2 left in solution. It can thus be said that the 
formation of the complex HCIO stabilizes chlorine in the state of oxida- 
tion 1+ and prevents it from existing in the next state (0). 

Quantitatively, we have the following relations: 

1 Ql 1 

E = 1*4 -h 0*03 log . ■ volts 


E = El -f 0*03 log 


Cl+l^ 
i CIJ 


and 


ci-i^ 

I HCI O 1^ I 

rci+' 


H+l 


= K, 


whence 

E = El — 0*06 log Ki -f 0*03 log ^ 


HC10|2.| H+|2 


cu 


= 1*6 -f 0*03 log 


== 1*6 


HCIO |2.| H+|2 


CL 


0*06 pH 4- 0*03 log - 
2HC10 + 2H+ +2e^ Clg -f- 2 H 2 O 


HCIO i 2 


CP I 


volts 


system: 

The normal potentials of the two systems as a function of pH are 
shown in fig. 11. 



FIG. ll.—FORMAL NORMAL POTENTIALS OF THE SYSTEMS C1(I)/C1(0)/C1- 
AS A FUNCTION OF pH 
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It can be seen from this figure that at pH 0, for E < 1*4 volts, there 
is more Cl“ than CIg; at E =1*4 volts, | CIg | == | Cl" | for E < 1*6 volts, 
HCIO predominates. When the pH increases, the region in which Clg 
predominates is restricted. For pH < 8*3, HCIO reacts with Cl" to give 
Cl 2 until Cl 2 more or less predominates. At pH = 3*3, 


I HC10|2 - I CI2I - I Cl"|2 

We then have 


E = 1*4 4- 0*03 log 


CL 


ci- 


= 1*6 4- 0*03 log 


HCIO |2 1 H-^ I 
I Cl J 


volt 


whence pH = 3*3. 

Above pH 3*3, the formal normal potential of the system HClO/CIg 
becomes less than that of the system Cl 2 /Cl"; as a result, if chlorine is 
dissolved in an aqueous solution, the oxidant Cl 2 of the second system 
will react, partially at least, wdth the reduetant Clg of the first, giving 
HCIO and Cl"; Cl 2 disproportionates. For pH = 3*3, HCIO and Cl" will 
predominate in the solution, and we shall then have the system: 


HCIO 4- H^- 4- 2c ^ Cl- 4- HoO 


with E = E'o 4- 0*03 log 

A simple calculation gives 


I HCIO 1 . 1 H+ I 

rci^r~ 


E' 


0 


1*6 4- 1-4 


= 1*5 volts 


I HCIO L! H+ I 

thus E - 1*5 4- 0*03 log 5 y volts 

I 1 

If the pH be increased still further, the concentration of chlorine becomes 
very small. It can easily be calculated that at pH 6, for 

i HCIO ] = I Cl" j = 10-2M, I CI 2 1 = lO-m 

There is practically no chlorine left in solution. 
jSfote . — HCIO is an acid of pK = 7*3. Above pH 7*3, the system 
CIO" 4- 2H+ 4- 2c ^ Cl" + HgO (fig. 11) is set up. 

Corollary . — Above pH 6, HCIO or of CIO" cannot be reduced to Clg.* 
Cl" is obtained directly. Inversely, oxidation of Cl" gives HCIO or CIO". 

Other examples . — In the course of oxidation or reduction reactions, the 
intermediate compounds disproportionate and, as a result, they remain 
unobservable if the rate of disproportionation is sufficient. 

Thus, the thiocyanate ion is oxidized in acid solution as foUow^s: 

6CNS" — 6e — > 3(CNS)2 oxidation 
3(CNS)2 4- 4H2O — > SO42- 4- 5CNS- 4- 8H+ -f CN" overaU dispro- 
portionation 


CNS" 4- 6c 4- 4H2O SO42- 4- CN- 4- overaU system 

It may be important to distinguish the two phases of the reaction. 
The intermediate states of oxidation Cr(V), Cr(IV), etc., are unknown, 
because of disproportionation reactions. 
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Experiment . — Iodine 1 2 is disproportionated in alkaline solution: 

I2 + OH- ^ mo + I- 

Add caustic soda to a solution of iodine; the brown iodine colour 
disappears. 

InflAxence of disprojDortionation on pH . — When chlorine is added to an 
alkaline solution, the disproportionation reaction 

CI2 + H2O ^ CIO- + Cl- -f 2H+ 

occurs. The solution becomes gradually less alkaline and the dispro- 
portionation can then stop. 

Normal potentials (in volts) 

(Ion and electron exchanges) 

2HSO3- + 2 H+ + 2 c ^ S2O42- + 2H2O . . + 0*07 volt 

TiOOH+ + H+ e ^ TiO+ + H2O. . . + 0 0^ „ 

NO3- + 3 H+ + 2c ^ HNO2 + H2O . . -f 0-93 „ 

HNO2 4- H+ + c ^ NO + HgO ... 4 - 0-98 for 1 atm. pres- 
sure of NO 

VO2+ 4 - 2 H+ 4 - e ^ VO2+ -4 H2O . . 1-00 volt 

CraO.^- 4- 14 H+ 4 - 6c ^ 2 Cr 3 + 4 - 7H2O . . 1*36 „ 

lOs” 4 - 6H+ 4- 6c ^ I- 4- SHgO . . . 1-08 (calculated) 

O3 4- 4 H+ 4- 4 c ^ 2H2O 1-23 for 1 atm. pres- 

sure of O2 

2Br03~ 4 - 12H+ 4- 10c ^ Br2 4 - 6H2O . . . 1*48 volt 

CIO3- 4- 6H+ 4- 6c ^ Cl- 4- SHgO . . . 1*45 (calculated) 

O3 4 - 2H+ 4- 2 c ^ O2 4 - HgOT . . . 2 07 
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PROPERTIES OF PRECIPITATES 

ADSORPTION. — In solids, the molecules, atoms, or ions occupy 
definite positions relative to one another. Take for example the crystal 
of silver chloride. It has a very simple crystal lattice (cubic system) con- 
sisting of a regular arrangement of Ag+ and Cl~ ions. One Ag+ ion is 
surrounded in space by six Cl~ ions, and each Cl~ ion is surrounded by 
six Ag^ ions. Figs. 12 and 13 show plan views of the structure. In the 
interior of the crystal the electrostatic forces balance one another and 
ensure the stability of the crystal lattice. But at the surface, on the other 
hand, these attractions are not balanced and make themselves evident, 
particularly at the corners and edges of the crystal. (The effect is similar 
to that which produces a surface tension at the interface between a liquid 
and another liquid, solid, or gas.) 
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As a result of this unbalance of electrostatic attractions at the surface, 
ions present in the solution can be attracted to it as shown in the figures 
above. This is the phenomenon of adsorption. 

The Cl“ ions in fig. 12 and the Ag+ ions in fig. 13 are adsorbed. In the 
liquid surrounding the crystal, these ions experience a force attracting 
them to the surface and are found fixed on the solid if it is separated from 
the solution. 

It is customary to represent this state of affairs by the scheme: 


ClAgCl- 


K+ and AgCLAg+ 


NO^ 


^otes. — (1) A precipitate preferentially adsorbs its own ions as 
though the crystal were continuing to grow. Thus a precipitate of silver 
chloride will adsorb Cl“ ions in preference to other anions, if it is immersed 
in a solution of an alkali chloride. 

(2) The adsorption increases with the charge on the ions: ions with 
several charges are more easily adsorbed. 

(3) Adsorption increases with the concentration of the ion under con- 
sideration. In principle a = Jcc^^, a being the quantity adsorbed, c the 
concentration, in the solution, n an exponent greater than unity. 

(4) Polar molecules are also adsorbed, 
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Dimensions of particles 
1 micron = 1 /z ~ 10~® metre 


Proton: 10"^^ 

Atomic nuclei: 10“® /4. 

Electron: 2.10~® fi. 

Non-solvated molecules and ions: fx, macromolecules up to 

0*28 IX. 


Colloids:- 


10-3 n 
10-2 

10 _i ultramicroscope, pores of ultrafilters. 


fO-25 //. 


Crystals visible to the naked eye: 


1 microscope, pores of ordinary 
n filters. 


COLLOIDS 

The term ‘colloidal’ is applied to a phase composed of particles so 
small that the forces at its surface play an important part in determining 
its properties. 

The dimensions of colloidal particles are 10”^tol0-3^. These particles 
are in general built up by the association of molecules or small charged 
crystals and they are stabilized in solution by adsorption of ions so that 
they are separated from the solution by a double layer (fig. 14). They can 
only increase in size very slowly on account of the charges they carry. 

These associations of molecules or ions are called ‘micelles’. 



FIGS. 14 AND 15. — MICELLES OF ALUMINIUM HYDROXIDE 
IN ALKALI AND ACID 

Examples . — Aluminium hydroxide is charged positively at pH < 8 
(fig. 15) and negatively at pH > 8 (fig. 14). 

Properties. — (1) They pass through or clog ordinary filters. They 
can be separated by means of ultrafilters (collodion, parchment). 

(2) When the particles attain a size of IO -2 p their solutions appear 
cloudy by reflected light, and clear by transmitted light (Tyndall effect). 
The particles can be seen by diffraction of light in the ultramicroscope.' 

(3) The molecular weight of the particles can be very high, as a result 
of the association of a large number of molecules: thus with silica, 50,000 1 
ferric hydroxide, 3000 to 8000. 
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Charges on colloidal particles 

The charge on a colloidal particle depends essentially on the medium. 
Thus the majority of hydroxides adsorb cations (including H+) in acid 
solution and thus become positively charged; they fix anions (including 
OH") in sufficiently alkaline solution and thus become negati%"ely charged. 

Flocculation, peptization. — If a colloid is discharged, that is to say 
if the double layer be destroyed in some way, the particles cease to repel 
one another, and precipitation occurs: this is called ffiocculation’. Experi- 
ence shows that this result can be obtained by the addition of suitable ions 
to the solution. 

The charge of the flocculating ion is extremely important; the higher 
the charge, the greater the flocculating po’wer, and the less electrolyte has 
to be added. 

Example , — Flocculation of arsenic sulphide. 

If 500 cations carrying a single charge (e.g. K+) are required in order 
to flocculate a given colloidal solution of arsenic sulphide, only 10 cations 
carrying double charges are required (e.g. Mg-+) and only 1 of a cation 
having a triple positive charge (e.g. AP+). 

During washing, precipitates can revert to the colloidal state, and this 
phenomenon is known as ‘peptization’. It is therefore a good idea to wash 
a precipitate with a suitable electrolyse, to prevent this happening: e.g. 
silver chloride with nitric acid, and nickel sulphide with a solution con- 
taining ammonium ions. 

Sometimes the precipitate ‘ages’ and is then no longer susceptible to 
being peptized. 

Hydrophilic colloids. — Certain colloids have the property of adsorb- 
ing water molecules, sometimes in large quantity. The liquid can become 
quite viscous. Flocculation gives gels which are difficult to w^ash and 
sometimes difficult to dehydrate completely, even on calcination (silica, 
alumina, stannic hydroxide, etc.). 

FORMATION AND AGEING OF PRECIPITATES 

The formation and transformation of precipitates towards stable 
equilibrium is rarely a rapid or instantaneous process. It is therefore 
necessary to study the phenomena as a function of time. 

Formation of nuclei. — Precipitation commences with the formation 
of crystalline nuclei as a result of the association of certain ions, for 
example Ag+ and Cl“. These nuclei grow by adding on new Ag+ and Cl" 
ions. The more concentrated the solution, and the less soluble the com- 
pound, the more numerous are the nuclei formed in a given space of time. 

When the formation of nuclei is slow% which frequently happens, 
‘supersaturation’ is said to occur. The formation of nuclei can be acceler- 
ated by agitation, by scratching the sides of the vessel so as to create some 
sharp corners which promote the adsorption of ions which can serve as the 
starting-points for the growth of a crystal, and by introducing into the 
solution crystals which have already been formed. 

Growth of crystals. — Two factors affect the growth of crystals: 

(1) The frequency with which new ions arrive at the surface of the 
6 
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crystal already formed. This frequency is greater the larger the concen- 
tration of the relevant ion in the solution. The nuclei have a tendency to 
grow more quickly the larger the concentrations of the ions of interest. 
Agitation which transports a large amount of solution to the nuclei 
promotes the growth of the crystals. 

(2) The rate at which the ions arrange themselves in the crystal 
lattice. This rate is large with polar compounds such as AgCl, BaS 04 , and 
low with the hydroxides such as Th(OH) 4 , Ti(OH) 4 , etc. 

If the effect of the first factor is predominant, the nuclei grow 
irregularly and very irregular crystals are obtained, which contain ea\ities 
and, as a result, have a very large surface (porous crystals). 

On the other hand, if the second factor is preponderant, the crystals 
will be perfect. 

AgCl, Mg(OH )2 easily give perfect crystals. 

The fewer nuclei there are at the start, the fewer will be the number 
of crystals formed, and the slower will be the rate of precipitation. If 
there are plenty of nuclei, for instance when two concentrated solutions 
are rapidly mixed, precipitation is very rapid, and crystals are very small 
and imperfect. 

Example . — Precipitation of barium sulphate by mixing together 
rapidly solutions of a sulphate and a barium salt. 

In 3*7M solution (of the reagents) the solution sets to a gelatinous 
mass. The indi\idual particles cannot even be seen in the ultramieroscope. 

In 0-75-3*0M solution, the precipitate is colloidal, but the particles 
can be seen in an ultramicroscope having a magnification of 1500. 

In 0-005-0-05M solution, crystals are obtained. 

In O-OOIM solution, the mixture remains clear for about 5 minutes, 
then becomes opalescent and precipitates at the end of about 2 hours. 
Crystals 5 fi in size. 

When the solutions are 0-0002M, it is necessary to wait a month for 
precipitation, and the crystals obtained are 15 in size. 

Ageing of precipitates. — Variations in their solubility. — The 
surface and even the interior of crystals are the seat of a constant inter- 
change of ions with the solution. W"hen the system is far from equilibrium, 
the quantity of ions which are fixed in the crystal is larger than that which 
leaves it. This exchange tends finally to an equihbrium between a perfect 
crystal and a saturated solution. In particular, every ion which is incor- 
rectly located in the crystal lattice has a greater tendency to leave than 
one correctly placed; it is more active, and its ‘solubility’ is greater. The 
result is that little by little the crystal becomes more perfect and its 
solubility diminishes. Small crystals have more numerous active points 
(edges and corners) and are therefore more active; they are more soluble 
than large crystals; they dissolve more quickly, and finally, by and large, 
the average size of the crystals increases with time. 

Amorphous precipitates tend to become crystalline, imperfect crystals 
to perfect themselves, their size to increase, and their solubility to 
decrease. 

This process is generally referred to as ‘ageing’ or ‘development’. 

It can be seen from fig. 16 that the solubility varies very little once the 
size of the crystals becomes large. This in general occurs for particles, 
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assumed spherical, 1-2 n and larger in diameter. On the other hand, the 
solubility changes very rapidly for very small crystals. 

Example . — Magnesium hydroxide Mg(OH )2 has a solubility which 
can decrease in the course of 24 hours from lO'^M to 

Notes. — (1) This rule gives only qualitative indications because, in 
practical cases, it is not at all easy to determine the surface of very small 
crystals, particularly those that are porous or agglomerated. 

(2) Other phenomena can also cause the solubility to xsiry: spon- 
taneous dehydration of the precipitate and transformation into a more 
stable crystalline modification. In all cases, the solubility diminishes. 

Rate of transformations. — When the compounds have only a very 
small solubility, or when the crystals are large or perfect (natural com- 
pounds for example), the exchanges are slow and the crystals only grow 
at an infinitely slow rate. Thus numerous precipitates remain amorphous, 
Th(OH )4 for example; small crystals of BaS 04 of 0*2 /i practically cease 
to grow under certain conditions. 
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FIG. 16 FIG. 17. — APPARENT SOLUBILITY OF 

CaS04 AS A FUNCTION OF TIME 

Certain substances, such as sodium hexametaphosphate for example, 
can slow down or stop these phenomena of development of crystals. 

Influence of temperature . — Raising the temperature enormously in- 
creases all the rates of formation of nuclei, of rearrangement and growth 
of crystals. 

Dissolution of a precipitate . — The smallest particles which are the 
more soluble dissolve first, then the larger particles which remain gradu- 
ally grow and the solubility then decreases. 

Example . — If calcium sulphate, CaS 04 . 2 H 20 , finely ground, be intro- 
duced into water, then the solubility curv’e as a function of time follows 
the course indicated in fig. 17. Along the part AB, the solution is not yet 
saturated, and sulphate dissolves; at B, the solution is saturated with 
respect to small particles, and along BC the particle size is gromng and 
the solubility decreasing. 

COLOUR AND SIZE OF PRECIPITATES.— The colour of 
coloured precipitates depends on the dimensions of their particles. 

Example . — Antimony sulphide is yellow in the colloidal state; pre- 
cipitated in neutral or slightly acid solution, it is orange. If it is pre- 
cipitated in very acid solution, its solubility is greater, the precipitation 
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is slower and the crystals are larger: it is then black, like the natural 
sulphide stibnite. 

Gold can be precipitated as pink, purple, or brown according to the 
size of its particles. 

IMPURITIES IN PRECIPITATES 

ADSORPTION. — Precipitates contain impurities as a result of 
adsorption. The larger the surface of the precipitates, the more imperfect 
the crystals, the more marked are the phenomena of adsorption. Colloidal 
precipitates are particularly impure, generally containing residual 
material from the double layer which stabilized the micelles when in 
solution. 

In anai}i;ical chemistry, it is necessary to get precipitates as pure as 
possible. To do this, conditions are created which promote the formation 
of crystals as large and as perfect as possible. Tliis is achieved by per- 
forming precipitation in dilute solutions, by ageing the precipitates by 
leaving them for long enough in contact with the solution, by adjustment 
and maintenance of the temperature, by the addition of compounds 
which are preferentially adsorbed and can later be easily removed, e.g. 
by ignition, and by suitable washing of the precipitates. 

The redissolution after filtration, and reprecipitation of a compound 
of low solubility, in general decreases the adsorption, because the quan- 
tity of adsorbed ion is a function of its concentration in solution. 

Post-precipitation , — The precipitation of certain compounds, which is 
generally very slow on account of supersaturation, can be accelerated by 
the presence of other precipitates which, by adsorption, promote the 
formation of crystals. 

Thus ZnS in OTN-HCl does not precipitate or does so extremely 
slowly. CuS, HgS cause it to be precipitated after some time. 


EXAMPLES OF APPLICATION IN ANALYTICAL CHEMISTRY 


The main object is to obtain precipitates which are easy to centrifuge 
or to filter and as pure as possible. Precipitation can also be utilized for 
carrying down and thus separating traces of elements. 

Precipitation of silver chloride for the gravimetric determina- 
tion of silver. — The precipitate of silver chloride obtained in the presence 
of an excess of KCl adsorbs its Cl- ions, then the cations, mainly K+: 


ClAgCl- 


K+ 


Prolonged washing of the precipitate with dilute nitric acid gradually 
replaces the K+ ion by H+: 


ciAgci- : H+ 


HCl is volatilized in drjdng the precipitate and pure AgCl is finally 
obtained. 

Separation of aluminium from divalent elements. When 
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A1(0H)3 is precipitated towards pH 8 with ammonia, it is negatively 
charged and adsorbs cations, mainly those whose charge is high: 

This adsorption can be partially inhibited by the addition of 
a large amount of ammonium chloride: this is then adsorbed preferentially, 
and can be driven off afterwards during calcination. 

Solubility of nickel sulphdde. — "V^Tien the particles of this com- 
pound increase in size, its solubility decreases. 

Thus nickel sulphide has a solubility product which can change from 
5 . 10“^^ to It does not precipitate unless the pH is above 4-5, but 

the precipitate ages rapidly, and can then not be redissolved even at 
pH < 0. 

Precipitation of zinc sulphide.— Zinc sulphide, a salt of a weak 
acid, is more soluble in acid than in alkaline solution, so that the particles 
formed during the precipitation are larger in acid solution. Thus the 
precipitate obtained in ammoniacal solution is difficult to filter, even after 
flocculating the colloid. Precipitated in a formate buffer of pH 3*0, zinc 
sulphide is obtained in much larger particles, much more easy to filter. 

Precipitation of the alkaline earth salts. — The precipitation of the 
majority of the low- solubility alkaline earth salts is slow. Thus, at 
ordinary temperature, calcium carbonate takes a long time to come down, 
and the same is true of its sulphate. Magnesium hydroxide takes several 
days to come down completely. 

Raising the temperature speeds up these precipitations. 

Precipitation of ammonium magnesium phosphate. — Am- 
monium magnesium phosphate MgNH4P04. GHgO is used in quantitative 
analysis. It is soluble in acids, but only slightly soluble in alkaline solu- 
tion. Only a few nuclei are formed in acid solution. The reagents con- 
taining Mg-+, PO/“, and NH4+ are mixed in acid solution; the mixture 
is only then neutralized with ammonia of which a large excess is finally 
added in order to decrease the solubility of the compound. Twelve hours 
have to be allow^ed for complete precipitation. Complete precipitation 
with sufficiently large crystals can be attained, however, in considerably 
less time, 10 to 30 minutes, by mechanical agitation or by bubbling a 
stream of air through the mixture. 

Applications of adsorption. — (1) Adsorption can be used for 
carrjnng down and thus separating traces of elements, for example Pb^"^ 
by CaCOg. This technique finds numerous applications in radio- chemistry. 

(2) The phenomenon of adsorption of dyes is used in qualitative 
analysis for detecting certain molecules, and in quantitative analysis for 
detecting the end-point of some reactions. 

Precipitation of hydroxides. — A large number of hydroxides are 
only slightly soluble, in particular those which correspond to metals in 
a high state of oxidation: Si(0H)4, Zr(OH)4, NbCOH)^, TaCOH)^, etc. 
Even the hydroxides of 11+ and III+ oxidation number frequently pre- 
cipitate in the colloidal form, e.g. Be(OH)2, Cr(OH)3, etc. Certain of these 
are, however, crystalline, Mg(OH)o for example. 

These colloids are flocculated either with H+ ions when they are only 
slightly soluble in acid solution: tungstic acid, silica; or by NH4+ ions, or 
by gelatine. 

Precipitated hydroxides are rarely pure, because of adsorption. 
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Boiling the hydroxides in the presence of the mother liquors frequently 
transforms them into a less soluble form, either as a result of the growth 
of the particles, or by dehydration (or both). 

The hydroxides of the heavy metals are easily dehydrated by boiling 
them in contact with the solutions from which they have been precipitated, 
or the transformation may easily take place spontaneously: AgOH gives 
AgaO, Hg(OH )2 gives HgO, and so on. 

The precipitation of hydroxides is frequently accompanied by the 
formation of basic salts. 

Phenomena which accompany the precipitation of hydroxides 
in general. — Neutralization of a solution of AP+,aq. results in the forma- 
tion of basic ions such as A10H2+. These basic ions generally condense 
slowly in the course of time: 

2Al(OH)2+ ^ Al2(OH)2^+ 

These condensations are accompanied by dehydration, then by the 
loss of H+. In this way the condensed ions become gradually larger and 
their formulae approach closer and closer to that of the hydroxide. There 
is then no distinction between these ions and the micelles which were 
described and defined on page 66. Finally flocculation occurs. The region 
of transition between the simple ion (AF+) and the flocculation of the 
hydroxide (Al(OH) 3 ) is smaller or larger depending upon the conditions 
of operation and the nature of the element. 

Thus, under certain conditions 2*5 OH“ can be added for each AP+ 
without forming a precipitate of the hydroxide. 

The phenomenon is the more important the higher the state of 
oxidation. Thus with a hydroxide like Mg(OH )2 it is difficult to detect 
the intermediate compounds. On the other hand, it is difficult to get 
flocculation of Nb(OH )5 at all. 

After the hydroxide has been flocculated, it generally continues to 
develop, its solubility decreases, sometimes considerably, particularly 
when the system is kept hot. 

Redissolution in acid is accompanied in principle by similar pheno- 
mena, with a certain amount of hysteresis (‘olation’). 

Thus aluminium hydroxide, which is precipitated at around pH 5, 
does not redissolve at any considerable rate until the pH is reduced to 
around 0. 

The redissolution commences with the passage of the precipitate into 
the colloidal state, then the dimensions of the micelles diminish and as a 
result the ratio AP+/Al(OH )3 in solution increases and Anally the solution 
only contains cations. 

In a similar manner the redissolution of a hydroxide to the anionic 
state in alkaline solution is accompanied by the preliminary formation 
of a colloid which gradually passes over into anions. 

Thus we have, depending on the pH, AP+A10H2+, Al,^(OH).^(^^i-^^)+ 
orpAl(OH) 3 .gAP+ Al(OH )3 ^ , rAl(0H)3.sA102- or Al«(OH)^^". 

Boiling the solutions causes hydroxides to age and if the solutions are 
not sufficiently acid or alkaline to have nothing but ions present, the state 
of the solution is displaced towards that for the precipitation of the aged 
hydroxides, which do not redissolve again on cooling the solution. 
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Similar phenomena are produced over a longer period of time at lower 
temperatures. 

The solutions of aluminates can reproduce a precipitate of a very low 
solubility hydroxide, if the solution is not sufficiently alkaline. 

All these phenomena occur with very many hydroxides. 

Action of hydroxy lated acids. — Certain hydroxylated organic 
acids, such as citric, tartaric, etc., have the property of maintaining the 
hydroxides in the form of extremely fine particles which can pass through 
ordinary filters, quite independent of the formation of complexes. 

Lakes.— The colloidal particles of a hydroxide (or the large condensed 
ions which are their equivalent) have very strongly marked adsorptive 
properties particularly for dyes or combinations of dyes and ions. This 
adsorption is accompanied by changes of colour which are in certain eases 
characteristic (see adsorption reagents, p. 122). 

Induced precipitation. — Certain isomorphous substances are 
capable of co-precipitating in mixed crystals, at least within certain 
proportions. This occurs with the mercurithiocyanates of Cu-*^, Zn^'t, 
Co^+, Cd^+ (p. 187). In dilute solution, the precipitation of one of these 
salts may be on occasion very slow: sometimes infinitely slow'. The 
addition of one of these other ions can accelerate the rate of precipita- 
tion; mixed crystals form immediately, thus increasing the sensitivity of 
the first salt to precipitation. 
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SOLUBILITY OF SLIGHTLY SOLUBLE COMPOUNDS 

Precipitation reactions. — When sodium chloride and silver nitrate are 
allowed to interact, the Ag+ ions and the Cl“ ions react in order to pro- 
duce low-solubility silver chloride w^hich precipitates. The NO 3 ” ions and 
the Na“^ ions do not take part in the reaction. We have 

Ag+ + Cl--> AgCl I 

Solubility product.* — Consider a slightly soluble compound BA. In 
solution there is a small concentration of B+ and A" ions in equilibrium 
with the ions in the solid. 

We have 

BA ^ B+ + A- 

(solid) 


When equilibrium is reached 

A- | _ 

IBAI 

Since solid is present, the activity of BA is constant, and we have 

!B+|.| A-| =s 

s is called the ‘solubility product’. For a given temperature it is constant, 
if equilibrium exists between the solid and the solution. 

With a compound B^^A^ we have 

1 B |»«.| A 1« = s 

Examples . — The solubility product of silver chloride is given by the 
relation | Ag+ [ -| Cl” | = 10”®-'^ 

With silver chromate, Ag 2 Cr 04 , we have | Ag+ \ ^.\ CrO^-” [ = 

With antimony sulphide, SbgSa: | Sb^+ \ ^.\ S^” |® = 

Precipitation by an excess of reagent.— When chloride ions are 
introduced into a solution of silver ions, silver chloride precipitates and 
the silver solubility is 


Increase in the activity of the Cl” ions decreases the activity of the 
Ag+ ions in the solution. The precipitation of silver is the more complete 
the greater the excess of chloride ions. 


Frequently abbreviated to 's.p.’ 
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Soluhility of Slightly Soliihle Compounds 

Some apparent solubility products as a function of the ionic strength 

The term ‘apparent solubility product' is applied to the solubility 
product obtained with concentrations, not activities. 

The table below gives the values of the exponent n, when the solu- 
bility product is expressed in the form 10~”- 


Vl: 

0 

0-25 

0-50 

PbSO^ 

7.7 

6-85 

6-45 

BaCr 04 

9*85 

9-05 

8-6 

AgBr 

12-2 

12-05 

11-9 

BadOsb 

8-9 

8-2 

/ • i 

HgoCL ■ 

IS-O 

17-4 

170 
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PRECIPITATION AND ACIDITY 


SOLUBILITY OF HYDROXIDES AS A FUNCTION OF pH 

FOR a slightly soluble hydroxide MOH there are in principle two 
equilibria: 

MOH 4 , ^ M+ + OH- with Sj = | M+ [ | OH" | 

or |M+| = 

' ' I OH- 1 Kh,o 

and MOH ^ M0~ + H+ with — | MO~ | | H+ | 

or I MO- I = 


H+ I 


where 


The solubility S of the hydroxide is given by 
S = I M+ I +1 MO- I 
K' 


S = K|H+1 + 


H+I 


= K.IO-P'^ + 


This applies when the solution is saturated, that is, when there is solid 
in contact with it. 

S varies with pH in the manner shown in the curve shown below 
(fig. 18). Along the left branch it varies as and along the right 

branch as The two branches are exponential functions. In the 

case shown here, S varies by a factor of ten for unit change of pH. 



FIG. 18. APPARENT SOLUBILITY OF THE HYDROXIDE MOH 

AS A FUNCTION OF pH 

Form of the solubility curve. — For the hydroxide MOH, the 
solubility in acid solution is given by 

I M+ |.| OH- I = 5 
whence | M+ [ = K | H+ | 

For the hydroxide M(OH)n we have 

I M«+ |.| OH- |« = s' 

I M«'+ I = K'.| H+ 1^^ 

76 


whence 
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Since log S =/(pH) a plot of log S against pH will give two straight 
lines, as shown in fig. 19. 



FIG. 19. LOG OF APPARENT SOLUBILITY OF A HYDROXIDE 

AS A FUNCTION OF pH 

Emmple.—Aluminmm hydroxide Al(OH )3 can give the anions AlO^- 
and the cations AP"^. Its solubility curve as a function of pH is given here 
(fig. 20). The precipitation pH^s of MTOO solution are given bv 
1 AP+ |.| OH- = 10-32-7 and | AlOo" l-j H^ | = lO-i^-e to l()-is with 
; I = 10-3; thus 3-8, 10-6-13-0. 



FIG. 20. APPARENT SOLUBILITY OF ALUMINIUM HYDROXIDE 

AS A FUNCTION OF pH 

Notes . — We have seen on page 72 that the precipitation of the 
hydroxides is in general accompanied by complicated phenomena of slow 
condensation and the formation of colloids. The present method of study- 
ing these phenomena is thus simply a formal one, and only to be regarded 
as a first approximation. This approximation can be improved by indicat- 
ing the several apparent solubility products, thus giving several solubility 
curves according to the degree of ageing of the precipitate. Thus for 
aluminium, we have | AlOg" | »| H+ j = lO-^®*®, for the precipitation of 
the hydroxide, the most soluble form, and j AlO^" j.] H+ | = 10“^® for 
the developed form which corresponds better to the dissolution of the 
hydroxide. 

The basic and condensed ions which are present in solution just prior 
to the formation of the hydroxide are complicated and little is known 
about them, and equilibria involving them are not achieved. A reaction 
equation can be written down as follows, assuming that only simple basic 
ions are present: 

AP+ -f H^O ^ A10H3+ + H+; pK == 4*9 
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The real state of affairs can be more nearly approached by supposing 
that simple condensed ions are formed. 

These approximations permit in general a sufficiently close approxi- 
mation to what actually happens. The solubility ought to be calculated 
on the basis of all these ions wffiich are in solution. 

jpH of precipitation of hydroxides. — In order to fix the solubility 
curve for the hydroxides, it is convenient to give the precipitation pH 
for an 0*01M solution. This is the most usual concentration met with in 
analytical chemistry. The precipitation of the hydroxide is reckoned to 
be quantitative if only 1 /1 000 of the amount initially present remains in 
solution, i.e. if the solution after precipitation is only 10“®M in the par- 
ticular metal whose hydroxide is being precipitated. Reagents generally 
cease to detect ions at this concentration (approx. 1 mg/litre or 1 p.p.m.). 

For a hydroxide MOH, precipitation generally takes place over a 
range of 3 pH units. 

for M(OH)o 1-5 pH units 

» M{OH); 1 „ „ 

,, M(0H)4 0-75 „ „ 

Example . — An O-OIM solution of aluminium commences to precipitate 
at pH 3-8. At pH 4-8, the concentration of the ions AP+ in solution is not 
more than 10~^M. A solution of aluminate commences to precipitate at 
pH 10-6; the precipitation is complete when the pH has fallen to pH 7-6. 
WTien the hydroxide is developed, it commences to redissolve at pH 10*6 
and the dissolution is complete at pH 13-0. Thus, precipitation is ‘quanti- 
tative' between pH 4-8 and 10-0. 

pH of precipitation of the principal hydroxides. — In the following 
table, the first number indicates the precipitation pH for an O-OIM solu- 
tion. The second figure is the pH at which the hydroxide redissolves in 
alkaline solution. 


Si(OH )4 



< 0 

7-5-11 

Ga(OH )3 . 

3-5 

9-7-13 

Nh(OH )5 



< 0 

' — ' 14 

A 1 ( 0 H )3 . 

3-8 

10-6-13-0 

Ta(OH), 



< 0 

-- 14 

**Bi(OH )3 . 

4 

> 14 

Pb(OH )4 



< 0 

12-13 

Cr(OH )3 . 

5-0 

13-14 

H 2 WO 4 . 



< 0 

^ 8 

**Cu(OH)o . 

5-0 

15*0 

Ti(OH )4 



0 

> 14 

Fe(OH).; . 

5-8 

> 14 

T 1 ( 0 H )3 



0-3 

> 14 

Be(OH); . 

5-8 

13-5 

Co(OH )3 



0*5 

> 14 

Rare earths 

5-9-8-4 

> 14 

Sn(OH )4 



0-5 

12-13 

**Cr(OH), . 

6-5 

? 

Ce(OH )4 



^ 0*8 

> 14 

**Zn(OH )2 . 

6-8 

13-5 

Zr{OH )4 



^ 1 

> 14 

Ce(OH )3 . 

7-1-7-4 

> 14 

SbO.H . 



? 

8-9 

i Pb(OH)o . 

7-2 

13 

Sn(dH). 



1-5 

13 

**Ni(OH); . 

7-4 

> 14 

Hgo : 



2 

> 14 

1 **Co(OH); . 

7*5 

> 14 

Fe(OH )3 



2-2 

> 14 

AgaO . . 

8-0 

> 14 

Pt(OH). 



^2*5 

? 

**Cd(OH). . 

8-3 

> 14 

Th(OH); 

Pd(OH). 



3-0 

> 14 
? 

Mn(OH); . 
Mg(OH); . 

8-3 

9-6-10-6 

> 14 

> 14 

In(OH); 



3-4 

14 ; 





Notes .^^ — Basic salts can be precipitated before the hydroxide: 
BiOCl, SbOCl, etc. Formation of colloids can impede the separation of 
hydroxides by filtration: this is the case for the majority of hydroxides 
in the III, IV, and V state of oxidation. 
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The values given can be modified by the influence of temperature and 
other salts. 

The solubility of the hydroxides varies with the size and perfection of 
the particles of the precipitate, sometimes within quite wide limits. We 
have indicated, wherever possible, the two limiting values. 

The formation of complexes with Ci-, 8042- can retard the precipita- 
tion of hydroxide. We indicate here the theoretical (and not the apparent) 
j)YL s of precipitation, thus in general in perchloric acid solution. 

Regions of predominance of hydroxides and of ions.—The 
regions of predominance of the different ions are delimited by the curve 
of solubility as a function of 79H. The concentrations of M+ and MO- 
indieated at each pH cannot be exceeded. 


SOLUBILITY OF SALTS AS A FUNCTION OF pH 

Salts of strong acids. — The addition of nitric acid to silver chloride, 
the salt of a strong acid, only produces a small increase in its solubility 
due to an increase in the ionic strength of the solution. 

Salts of weak acids.— Consider silver nitrite, AgNOa- We have the 
equilibrium: 

AgNOa I Agr + NO2- (I) 

the N02~ ions are basic, and we have 


HNO2 ^ NO2- + H-i- (II) 

The addition of H+ ions toII displace equilibrium (II) to the left; the 
NO 2- ions will disappear and as a result the equilibrium (I) will be dis- 
placed to the right, and some silver nitrite will dissociate. Thus, the net 
result is that addition of H ions causes silver nitrite to dissolve. 

The relationships which govern this are as follows: 


NO,- I 


Ag+ I = s; 


NO,-|.l 


I HNO, I 

the solubility S = | .A.g+ j = | NO,- | + i HNO2 
Eliminating | NO 3- | and | HNOj |, we find 


= K, 


S = |Ag+j 



|H+| \ 
Ka ) 


The solubility is the greater, the greater the 
greater | H+ | and the smaller the acidity con- 
stant of the acid. 

We get the solubility curve as shown in the 
diagram (fig. 21). The solubility varies rapidly 
when I H+ | > or when pH < pK^. 

The salts of weak acids have a solubility in 
acid solution which is the greater, the smaller 
the acidity constant Ka (or the larger pKa). 

However, if the initial solubility is ex- 
tremely small, it can remain, in spite of every- 
thing that has been said, very small, even in 
very strongly acid solution. 


solubility product, the 


s 


Ag NO 2 1 


HfJOj 


■s 

— 




1 Aq+ NOi 


PKa pH 


FIG. 21 . — APPARENT 
SOLUBILITY OF SIL- 
VER- NITRITE AS A 
FUNCTION OF pH 
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Solubility products of sulphides, — We give below some indications 
of solubility products for sulphides. 


MnS . . 

. to 

XO-22-0 

Bi^Sg . 

. l0~’i-8 




(pink) 

(green) 

, SnS . 

. 10-28-1 



FeS . . 

. „ 

10-21-6 

i FegSg . 

. 10-88 



TbS . . 


10-23-9 

, Hg,S . 

. 10-80 

to 

10-45 

NiS . . 


10-27-7 

CuS . 

. 10-44-1 



CoS . . 

. 10-22-2 

10-26-7 

Ag,S . 

. 10-48-1 

to 

10-51-2 

ZnS . . 

. 10-22-9 ,, 

10-25-2 

Cu.S . 

. 10-40-6 



CdS . . 

. 10-2‘-2 

10-28-4 

HgS , 

. 10-82-4 

to 

10-53-5 

FhH . . 

. 10-27-4 

10-29 

PtS . 

-- 10-70 




2sote . — The remarks already made about hydroxides can be repeated 
here (p. 72). The precipitation of sulphides is frequently accompanied 
by complicated phenomena and by the formation of colloids. The con- 
siderations developed here can only be regarded as first approximations, 
and they cannot be an\i:hing else. 

To a first approximation, several solubility products can be used for 
the same sulphide according to the state of development of its precipitate; 
the extreme solubility products given in the above table permit one to 
predict at least on the one hand the precipitation point (greatest solu- 
bility) and on the other hand the redissolution point (precipitate de- 
veloped to a stage corresponding to the smallest solubility). 

Better approximations can be obtained from simple equilibria in 
solution. Thus it has been shown that in solution, along with Ag+ there 
are considerable amounts of AgHS and AgS". 

Below we shall develop some very simple considerations which give 
some qualitative indications. 

Dissolution of sulphides as a function of pH. — Consider the 
sulphide MS. Its solubility product is 

I M2+|.| S2-| =5 

When the pH decreases, tends to disappear and to be replaced by 
HS"', and then by H 2 S. 


and 

whence 


S^- + H+ ^ HS-, HS- + H+ 


| S^-|.|H+| 

IHS-I 

|HS-|.|H+ | 

IH,Si 


= 10-15 


= 10 -’ 


I S2-|.| H+|2 


= 10-22 


H.S 


The solubility of the sulphide MS can be measured by the activity of 
M2+ in solution. S = | [. Thus | M2+ | is equal to 

1 S 2 - I + I HS- 1 + I H,S 1 

since the quantities of M and S are initially equal in the sulphide MS. 
Thus, similar to what we have seen for silver nitrite, we have 


S 


M2+ I = I S2- i + 1 HS- I + I HjS I 


= I S2- 


H+ 

1 + ! + 

10-15 


|H+|n 

10-22 
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S2 


M2+ 


S2~| 


1 -f 




p- 


whence 


- ''‘■J' + 


10-15 10-32 


10 - 


10 - 


whenee we derive the solubility curve as a function of ;?H shown in fig. 22. 
Below a of 7, the two first terms within the square root sign are 

- j i 

negligible, so that the solubilitv varies as ^ 's — — !. 

10-11 


If \ s is very small, the solubility w^hich varies 
by a factor of 10 for a variation of 1 unit of 
pH, can still remain very small. Thus, with 
mercury sulphide, w^e have s = 10 ~^ 2 . 0 

we get S = 10~i^ which, for us, is still negligible. 
But in the case of ZnS we have s = 10“^ thus 
for I H+ I = 10~^*^, i.e. at pH 4*5, the solubility 
is already 10“® and at pH 1*5 it is 10“^. 

At pH 0 the soluble sulphides are those which 
satisfy the equation Vs ^ 1C~^^ or s > 10“^®. 

Note . — The rate of dissolution of sulphides 
can be slow, sometimes even too slow for equi- 
librium to be attained in a reasonable time. 

Another example . — We shall now treat the case 
of HgS which is a little more complicated. We have 

I Hg2+|.| S^-| =10-“ 


rapidly below pH 7, 



FIG. 22. — ^APPARENT 
SOLUBILITY OF 
SULPHIDES AS A 
FX'NCTION OF pH 


and Hg2+ -f H^O ^ HgOH+ 4 - H+; pH = 2-8 


The presence of other compounds such as HgHS+ has still not been 
taken into account. Naturally we shall suppose that there are no com- 
plexes; thus in a hydrochloric solution there would be HgCl+, HgCL, etc. 
We thus have 


since 

whence 


Hg2-f I 
Hg^+ 


Hg(II) total = S(II-) total 
+ 1 HgOH+ I = I S*- I + I HS- 


+ 


1 + 


10-2-8' 

TW 


I S8- 


10-18 10 -“ 


Supposing that the solubility product is | Hg8+ | | S®- | = 10-8“ we have 


Hg’- I = 



|H+| , |H+|^ 

10-15 lQ-22 


1 + 


10-2-8 

\W\ 


Precipitation of sulphides as a function of pH . — The conditions 
are somew^hat different from those of the redissolution of precipitated 
sulphides. In effect, a large number of sulphides age after being brought 
down and their solubility sometimes varies quite considerably (NiS, 
CoS); the solubility product is thus occasionally larger in precipitation 
than in redissolution of a developed precipitate. On the other hand. 
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during precipitation, an excess of the reagent, either H 2 S or ammonium 
sulphide, is always used. 

A solution saturated with HgS gives: | HgS | = 10"^ in acid solution 
of pH < 6 . 

Use of solubility curves. — The salt is less soluble than the hydroxide , — 
Fig. 23 presents the solubility curves for zinc sulphide and hydroxide. 
The sulphide is less soluble than the hydroxide: the precipitation pH's for 
0 * 01 M solutions are 1-4 for the sulphide and 6-8 for the hydroxide in acid 
solution. 


ZnS 2n(0H)2 2n(0H)2 ] 

K *[B a 

1 

i 

1 

£ 

"™ F 

1 

1 

I 

\ 

\ 

. V 


^2nS 

2 4 6 

8 10 12 

14 pH 


FIG. 23. — APPARENT SOLUBILITY OF ZINC SULPHIDE AND 
HYDROXIDE AS A FUNCTION OF pH 

If we add caustic soda to a solution of a zinc salt at a pH of 0 , the pH 
will increase along KA until the point is attained at which solubility 
product I Zn 2 + | . |OH” |“ = s is reached. Beyond this point, the addition 
of caustic soda precipitates the hydroxide and the pH does not vary much 
(AC) because the OH™ ions are used up in the reaction 
Zn2+ + 20 H-->Zn( 0 H )2 | 

Later on the pH increases rapidly along CD until the point D is reached 
at which the hydroxide commences to redissolve: 

Zn(OH)2 I + 0H--^Zn02H" + HgO 
At E, the solution is clear. 

Suppose now that, starting from the point K, we add sodium sulphide 
a little at a time to the solution, thus introducing S^- into it. This is a 
fairly strong base, pK = 15: 

2H+ + S2 ^ H 2 S 

The pH will increase; when the solubility product of ZnS is reached, 
zinc sulphide is precipitated. If the addition of reagent is continued the 
S^™ ions will be used up until precipitation ceases. The pH will then rise 
rapidly. 

The salt is more soluble than the hydroxide. — Example. — Precipitation 
of a zinc salt by sodium borate. 

The relevant solubility products are 

|Zn2+l.|B02-|2 j Zn2+ | . | OH™ |2 =52 

Suppose we have an acid solution of a zinc salt of concentration 
0 - 01 M, to which sodium borate is gradually added. The borate ion is a 
base 


BO 2 - + H+ ^ HBO 2 
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and the line KA on the graph (fig. 23) is foilowed. x4t the point A, zinc 
hydroxide commences to precipitate. If we have a sufficient excess of 
borate ions, can be exceeded and the precipitate will then be a mixture 
of zinc borate and hydroxide. 

Generally, where the hydroxide is the less soluble compound, 
the addition of a salt of a weak acid will cause the hydroxide to be 
precipitated. 

Another exaynple . — Precipitation of aluminium salts by sodium sulph- 
ide. 

If sodium sulphide is added to a solution of an aluminium salt, the 
basic 8 ^“ ions will increase the pH this time until the solubility product 
of the hydroxide is reached, and Al{OH )3 will be precipitated. Commenc- 
ing at pH 10 , the hydroxide will redissolve, and, with an excess of sodium 
sulphide, a solution of AlOg” is obtained. 

A13+ + 3 H 2 O + 3S2~— ^ A1(0H)3 I + 3HS~ 

A1(0H)3 ^ AIO 2 - H 2 O -f HS- 

In the same way, the addition of sodium carbonate gives rise to the 
reactions 

2A12-^,3H20 + 3 CO 32 - ^ 2 A 1 ( 0 H )3 | -f aH^o 

INFLUENCE OF PRECIPITATION ON pH 

Inversely, precipitation can induce variations in the pH of the solu- 
tion. Hydrocyanic acid, HCN, is a weak acid, pK = 9-2. A normal solu- 
tion of the acid has a pH of 4*6, and in this solution 

1 HCN 1=1; 1 CN- 1 = ] H+ 1 = 10~^*« 

Addition of Ag ions in excess will precipitate the slightly soluble AgCN: 

Ag+ -f CN-~-> AgCN with | Ag+ | .] CN" | = 10“^^ 

The CN“ ions will disappear and the equilibrium HCN ^ H+ -f CN"" 
will be displaced towards the right: the acid dissociates, liberating CN” 
and H+ at the same time. The concentration of CN” must remain small, 
because the solubility product of AgCN is small. It can be said that 
practically as many CN” ions disappear as Ag ions can be supplied to 
partner them. If as many Ag ions as HCN are supplied, i.e. 1 equivalent, 
the H ion concentration will be equal to 1 and the pH will fall from 4*6 
to 0 . 

HCN thus behaves like a strong acid. 

The disappearance of one of the ions, acid or basic, bp precipitation, 
apparently reinforces the acid or basic properties of the corresponding add 
or base. 

Experiment . — Take a solution of potassium dichromate of about 
0*0 IM. Add to it a drop of bromocresol green: 

CrgO^^- -f HgO ^ 2 HCr 04 ~ 

The bromocresol green is still green (yellow pH 3*8-pH 5*4 blue). Add 
some lead nitrate, which is neutral. The solution becomes acid, and the 
bromocresol green turns yellow: 

HCrO^- + Pb2+~^ PbCrO^I + H+ 
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Buffering effect of hydroxides and of slightly soluble salts 
of weak acids. — ^Refer again to the solubiKty curve for aluminium 
hydroxide (fig. 20 , p. 77). Suppose that we find ourselves at pH 8 with 
a precipitation of aluminium hydroxide. If we add H+ ions the pH will 
decrease rapidly, down to pH 5. Below 5, the hydroxide will redissolve, 
using up H ions: 

A1(0H)3 ^ -f- 3H+ ^ AP+ + SH^O 

While the hydroxide is redissolving, the pH only varies sKghtly 
(vertical part of the solubility curve). The solution is buffered around 
a pH of 4-5 ; the pH is determined by the final concentration of aluminium 
ions in the solution. The same result may be obtained by adding alumin- 
ium hydroxide to an acid solution until it is present in excess, and in this 
way the pH is adjusted to have a value close to 4. 

The pH of an alkaline solution can also be buffered (right branch of 
the solubility curve). Aluminium hydroxide added to an alkaline solution 
adjusts its pH to a value close to 11 . 

The same phenomena occur with the slightly soluble salts of weak 
acids or weak bases. This property can be applied in both qualitative 
and quantitative analysis. 

PRECIPITATIONS IN SOLUTION OF CONTROLLED pH.— 
CLASSICAL METHOD OF QUALITATIVE ANALYSIS 

The classical method of qualitative analysis involves the separation 
of the mixture into various groups by precipitation of the sulphides in 
a solution of fixed pH. 

Sulphides only slightly soluble in 0-3-0-5N-HCZ 

A certain number of sulphides are precipitated by passing HgS into 
a solution of controlled acidity. These sulphides are: 

(1) Those of the hydrogen sulphide group: As(III), As(V), Sb(III), 
Sb(V), Sn(II) and Sn(IV). 

Hg(II), Pb(II), Bi(III), Cu(II), Cd(II), Ag(I), Hg(I) would be pre- 
cipitated under the same conditions. 

( 2 ) The ammonium sulphide group: The solution is brought to pH 9 by 
the addition of a mixture of NHg and NH 4 + and ammonium sulphide is 
added. Those elements whose sulphides are soluble in acid solution but 
only slightly soluble in solution of pH 9 precipitate under these con- 
ditions: Ni(II), Co(II), Zn(II), Mn(II), Fe(II); Fe(III) is reduced and FeS 
precipitates. 

The ammonia group: at the same time the elements whose hydroxides 
are only slightly soluble at this pH and whose sulphides are soluble pre- 
cipitate: these are: Be(II), AI(III), Cr(III), rare earths (III), Ti(IV), 
Zr(IV), Th(IV), Nb(V), Ta(V). 

(3) The elements whose sulphides and hydroxides are both soluble 
remain in solution. These are the alkaline earths and the alkalis. 

A certain number of separations in controlled pH solution, mainly of 
use in quantitative analysis, can be carried out on the solution. 

Separation with barium carbonate. — Formerly, the hydroxides 
Fe(OH) 3 , A 1 ( 0 H) 3 , Cr(OH )3 were separated from Zn^t-^ Ni^^, Mn^+j C 02 +, 
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by adding an excess of barium carbonate wliich remained for about 
12 hours in contact with the solution. The method, which is frequently 
quantitative, entails the inconvenience of introducing barium into the 
solution. 

Consider the solubility curves for the different hydroxides and the 
solubility' curve for barium carbonate (fig. 24). The final pH of the solu- 
tion is determined by the concentration of barium which passes into 
solution. It is in general about 5-6. The desired separation can therefore 
be achieved. 



Chloroacetate Acetate Hexamine 
buffer buffer buffer 


FIG. 24. APPARENT SOLUBILITY OF FIG. 25. APPARENT SOLUBILITY OF 

SOME HYDROXIDES AS A FUNG- SOME SULPHIDES AS A FUNCTION 

TION OF pH OF pH 

Separation of sulphides (fig. 25). — (a) In a solution buffered with 
chloroacetic acid-sodium chloroacetate mixture, pH 2-5, only zinc sulphide 
precipitates. 

(b) In acetate buffered solution, pH 4-5, the sulphides of zinc, nickel, 
and cobalt precipitate quantitatively, and ferrous sulphide comes down 
partially. 

(c) When the solution is buffered at 5*4 by hexameth^ienetetramine- 
hexamethylenetetramine hydrochloride, the sulphides of zinc, nickel, 
cobalt and iron precipitate quantitatively, while that of manganese 
remains in solution. 

Separation of phosphate ions. — ^These ions interfere w^hen the 
alkaline earths are being sought. Both in the new and the classical 
method, alkaline earths are looked for after the other ions have been 
separated from the solution. This is obtained by precipitation of the 
sulphides at pH 9 resulting from the addition of NHg + NH 4 +. Under 
these conditions, the presence of phosphate ions brings about the pre- 
cipitation of the phosphates of the alkaline earths, which are of low 
solubility in alkaline solution, at the same time as the sulphides. 

This inconvenience is avoided by the preliminary precipitation of a 
low^'-solubility phosphate in acid solution: the alkaline earths then remain 
dissolved. The principal methods proposed use either ferric phosphate in 
acetate buffer, or zirconium phosphate in very dilute acid, or the phos- 
phates of lead and bismuth in acetic acid solution. 

Thus either Fe(III}, Zr(IV), Bi(III), or Pb(II) are added to the solu- 
tion in excess, and the precipitation is carried out by adjusting the pH 
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accordingly. In the case of Fe(III) and Zr(IV), the excess of the metal 
precipitates as the hydroxide at the same time as the phosphate. 

The separation as lead phosphate is described on page 151. 

After this, separations can be made in solutions which have been 
cleared of phosphate ions, by rendering them ammoniacal. The alkaline 
earths then remain in solution. 

Separation by caustic soda. — In strongly alkaline solution, 
]^_2N"NaOH, a certain number of elements remain in solution. These 
are the alkalis, Ca2+, St^+, BeOg", AlOg", CrOg", GaOa”. Pro- 

longed boiling, particularly in alkaline solution, precipitates Cr(OH )3 
completely, then Be(OH )2 partially, and finally Al(OH )3 with difficulty; 
ZnOg®"; Cu( OH ) 2 slowly redissolves to give a blue solution in strongly 
alkaline solution; dilution and boiling reprecipitates it; PbOg^", PbOg^", 
AsOg- SbO^-, SbOs-, SnOg-, MnO^^- VO3-. 

Method for the separation of the elements soluble in alkaline 
solution. — The hydroxides of low solubility which precipitate during 
this separation unfortunately occlude a number of these ions if pre- 
cautions are not taken. The best conditions are as follows: 

Neutralize the solution with N-2N caustic soda until precipitation just 
commences. Bring to the boil. Boil up a volume of 2N-NaOH equal to 

times the volume of the solution which has been neutralized. Run the 
boiling neutralized solution drop by drop into the boiling NaOH solution, 
agitating at the same time. Filter after a few minutes. 



CHAPTER XII 


PRECIPITATION AND COMPLEXES 


Formation of a precipitate. — The complex produced from Ag ions and 

ammonia, Ag(NH 3 ) 2 +, is slightly ionized: 


Ag(NH3)2- - Ag+ + 2NH3 
Its stability is determined by the relationship: 

1 Ag-r|.lNH. 


Ag(NH3)2 


- = K 


lo- 


ci) 


Suppose that the total silver concentration is 10 ~^. The complex is only 
slightly dissociated, we have | Ag(NH 3 ) 2 + 1 lO-^. 

The concentration of free Ag ions is given by: [ Ag+ | . | NH 3 | ^ 10 ~®; 

thus 2 I Ag+ I = I NH 3 I whence j Ag+ | = 10 ~®* 2 . 

Suppose that chloride ions are added to the solution of the complex. 
The low- solubility silver chloride has a solubility product of 
1 Ag+l-l Cl-| - 10-9-7 

As soon as the activity of the chloride ions reaches such a figure that the 
s.p. of the silver chloride is exceeded, this compound will precipitate. As 
I Ag+ I ~ 10“^-2 precipitation will commence when 


lci -1 


10-9-7 

10-3-2 


10-6-5 


that is to say almost immediately after the addition of chloride ions 
commences. Under these conditions, the silver ion is not sequestered from 
reaction with the chloride ion. 

Suppose now that there is an excess of ammonia; according to ( 1 ) the 
concentration of Ag ions will diminish, and the complex becomes stabil- 
ized. For example if j NH 3 | = 1 , ] Ag(NH 3 ) 2 + j is always fairly near to 
10“2M and j Ag+ [ — IQ-’/lOO = lO"®. Silver chloride will precipitate 
for I Cl- 1 — 10-9'7/i0“9 = 10-9'7M, thus at a chloride ion concentration 
of about 0 - 2 M, 

The formation of a precipitate when a reagent is added to a complex 
depends upon the stability of the complex and the solubility of the pre- 
cipitate. 

Dissolution of a precipitate due to the formation of a complex. 
— Inversely, if ammonia is gradually added to a precipitate of silver 
chloride, the precipitate will redissolve due to the formation of the 
complex ion Ag(NH 3 ) 2 +. Supposing that the precipitate completely 
redissolves to a concentration of which is the concentration most 


frequently met with in analysis, the following relations will apply. 
I Ag+ 1 -1 Cl- 1 = 10-9-7 ^th 1 Cl- 1 == 10-3 


Ag+|.1NH3 


Ag(NH3)3^- 


= 10-7 with 1 Ag(NH3)2^ 


10 - 


whence | Ag+ | = 10-7-7 and | NH 3 |2 = 10 ^‘3; | NH 3 [ = 0-25 


Dissolution will thus be complete in 0*3N ammonia. 
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In the case of silver bromide, the precipitate is less soluble: 

1 Br-|.| Ag+I = 10-12.3 

Redissolution, which requires the | NHg | to be 3N, can only be partial in 
N-NHg. Silver iodide, much less soluble, only dissolves a little, even in 
concentrated ammonia. | 1“ | would be | NHg | = 10. 

Low- solubility complex compounds. — Complex ions themselves 
can jield low-solubility compounds. 

Ag(CN)2~ 4 - Ag+ ^ Ag[Ag(CN)2] | 

+ 3Ag+ ^ Ag3[Co(CN)e] etc. 

Disproportionation. — Precipitation displaces disproportionation 
equilibria. Thus in the series of complex aluminium fluorides, A1F2+, 
AlFg"^, AlFg, AIF4-, AlFg^”, AlFg®-, there are two low-solubility com- 
pounds NagAlFg and AIF3 (more exactly A1(A1F6) ) ; the neighbouring 
complexes are disproportionated, for example: 

2AIF2+ ^ A1F2+ 4- AIF3 I 
so that AIF2+, AIF4-, AlFg 2- scarcely exist. 

Influence of jpH. — Complexes can be destroyed by variations of pH, 
as we have already seen on page 47. This destruction can be promoted by 
the formation of low- solubility compounds. 

Ag(CN)2~ ^ AgCN I + CN- 
Addition of acid displaces the equilibrium to the right: 

Ag(CN)2- + H+ ^ AgCN I + CN- 
The complex x4g(CN)2~ is destroyed by the addition of acid with pre- 
cipitation of AgCN (in reality Ag[Ag(CN)2]). 

Precipitation of hydroxides in complexes. — Consider the ferri- 
fluoride complex FeF2+. Since Fe(OH)3 is of low solubility, when the 
concentration of OH“ ions increases, the s.p. [Fe®+ |.|OH“ |2 = s can 
easily be exceeded and ferric hydroxide will precipitate. This is a par- 
ticular case of the precipitation already seen. 

The precipitation pH of the hydroxide indicates the stability of the com- 
plex. — Take the case of ferric ions. We have 

I Fe^+].| OH- [3 = 5 

or pFe^+ + 3pOH- = — log s 

or again pFe^^ + 42 — 3pH == — log s 


+ 42 + log s 


+ (const.) 


The precipitation pH of ferric hydroxide is directly related to the 
concentration of free Fe^+ ions, and thus to the stability of the complex. 
The larger | Fe2+ | is, the lower the precipitation pH will be. Thus, for 
OTM solution with a ten-fold excess of the complex-forming ion, we have 


CIO4-, NOg- . pH 1*8 (no complex) CoO^^- pji 7.7 

Cl" .... pH 2*0 Fe(CN)t.2~ does not preeipi- 

SO42- . . . pH 2*5 tate, even at ... . pH 14 

CNS- ... pH 2*7 
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Various examples. — (1) If iodide is added to a iiiercuric salt 
there will be at first a precipitation of the red mercuric iodide 

Hg2+ + 21- ^ Hgl, I (I) 

An excess of iodide redissolves the precipitate. 

Hgl^ + 21- ^ Hgl^’- 

The addition of the mercuric salt to the complex will naturally repre- 
cipitate the iodide: 

Hgir- -f Hg^- ^ 2Hgl2 j 

The addition of an ion capable of withdrawing 1“ ions by precipitation 
will destroy the complex by displacing the equilibrium (I) to the left: 

2Ag- 4- Hgl/- ^ 2AgI ! f Hgl, ' 

(2) The low-solubility fluorides, CaF.,, NugAlFg, are dissolved by com- 
pounds which cause F- to disappear by the formation of complexes, for 
example Al(III), Zr(IV), B(IIl), Sn(lV), etc. Excess of these ions 
diminishes the concentration of F", and thus favours the dissolution. We 
have 

CaFa ^ Ca^^ + 2F- 
and F“ 4- AP"*" ^ AIF-^ 

whence the reaction in the presence of aluminium ions is 
CaFs j -f 2AP+— ^ Ca2+ -f 2A1F2+ 
similarly NagAlFg ^ ^ AlFg^- -f 3Na"^ 

with AlFg^- ^ AP+ -f GF- 

F- 4- AP+~> AlF^t- 

whenee the reaction 

NagAlFg j 4- 5A13+-> 4- GAIF^^ 

(3) Lead sulphate has a moderately low solubility. It can be redis- 
solved by the addition of a large excess of acetate ions, yielding acetate 
complexes with the Pb(II). The lead can be reprecipitated; e.g. by the 
addition of an acid which destroys the acetate complex: 

CH3CO2- 4- CHgCO^H 

and, better stiU, by sulphuric acid which, at the same time, decreases the 
concentration of Pb®^ in solution: 

SO/- 4. Pb2+->PbS04 I 

and by precipitation of the very low- solubility compounds PbCrO^ or 
PbS. 

(4) Fe^+, Cr®+, etc., impede the precipitation of calcium oxalate by 
the formation of oxalate complexes. 

(5) F” ions inhibit the precipitation of SnS2 by the formation of 
stannifluoride complexes. If compounds which decrease the activity of F 
ions are added, the precipitation of SnS.^ should be promoted. This 
happens with boric acid. 
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APPLICATIONS 

Detection of phosphate and arsenate ions. — Phosphate and 
arsenate ions give yellow precipitates with molybdate (Mo(VI) ) reagent, 
these precipitates being ammonium phosphomolybdate of very low 
solubility and ammonium arsenimolybdate of somewhat higher solubility: 

I PO^S- |m.| M0O42- . . . == Si . . . . (I) 

j ASO43- M0O42- = S 2 ; 52 > Si . . (II) 

The sensithdty of the reaction (I) is thus greater than that of (II), 
i.e. at the same concentration of Mo042~ ions smaller quantities of 
P04®~ than of As04^“ can be detected. 

Tartrate ions form complexes with molybdate ions, that is to say they 
diminish the sensiti\dty of the reaction. They also form complexes with 
As(V) and not with P(V). At a suitable concentration of tartrate ions, 
the molybdate ions do not react with As(V), but still do so with P(V). 

To detect phosphates and arsenates, the procedure should be to start 
with the reaction with molybdate reagent in the presence of tartrate 
ions, the reaction is then specific for phosphate ions. If the reaction is 
negative, the arsenate ion can then be sought for with the molybdate 
reagent. If the reaction for phosphate ions is positive, they must be 
separated before going on to look for arsenates, or As(V) can be detected 
by another method (see p. 224 ). 

Detection of cadmium (p. 203 ). — Cd^^ can scarcely be detected by 
the yellow colour of its sulphide, for there are several black sulphides 
which mask the yellow colour of CdS, and they must be separated. This 
can be achieved by the formation of a complex. A preliminary separation 
with ammonia leaves in solution only the ammine complexes of the 
following metals: Zn^+j Cu^+j Ni^^ and etc. 

The subsequent addition of cyanide gives the low-stability cyanide 
complexes of Zn^+ and Cd^-t-, the more stable ones of Ni^^, and the very 
stable ones of Co®+ and Cu+. The addition of sulphide now precipitates 
only ZnS and CdS. At the same time, if the concentration of CN“ is too 
low, black NiS will precipitate. Thus, if a black precipitate forms, the 
precipitation of sulphide is repeated in a separate part of the solution, 
to which a little more cyanide has been added. The detection of Cd^^ is 
evidently less sensitive in the presence of CN“ on account of the formation 
of Cd(CN)4s- 

Detection of potassium. — Sodium cobaltinitrite Na3Co(N02)6 gives 
with K ions a yellow precipitate: 

Co(N 02)6"- + Na+ 4 - 2 K+ ^ K2NaCo(N02)6 

Excess of reagent. — Excess of either reagent, Na + or Co(N02)6®“ ions, 
displaces the equilibrium to the right and thus renders the reaction more 
sensitive. 

Influence of pH. — Co(N02)6^” behaves as a very weak base conjugate 
with a strong complex acid, thus the pH should be without influence: at 
the same time, there is the equilibrium 

Co(N 02)6^- ^ Co 3 + + 6NO2- 
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Co®+ is a strong acid which cannot exist in other than very low concentra- 
tion in 'water because 

Co3+ 3 H 2 O ^ Co(OH )3 4 , 3H+ 

Thus, in sufficiently alkaline solution, Co(OH )3 precipitates, the complex 
ion is destroyed and the potassium compound is not precipitated. NO 2 “ is 
a base, pK. — 3-4, thus, in sufficiently acid solution, the complex is 
destroyed by the formation of HNOg. The reaction must thus be carried 
out in a solution that is neither too acid nor too alkaline. Experience 
shows that an acetate buffer is suitable. 

Interfering substances, — ( 1 ) Oxidants and reductants. — It will be seen 
that ions which are too strongly oxidizing or reducing will interfere by 
destrojdng the complex. 

( 2 ) Complexes. — Similarly ions which form complexes more strongly 
with Co^+ than NOg” ions, such as CN", will interfere. 

(3) Precipitating ions. — Those which can form precipitates interfere. 
There are no ions w^hich precipitate NO 3 “ or Co®+. Ammonium ions can 
precipitate Co(N 02 ) 6 ^~, just as can a great number of other cations, which 
must be separated before carrying out the reaction. 



CHAPTER XIII 


PRECIPITATION AND REDOX* 


I. REDOX PROPERTIES OF THE ELEMENTS 


THE majority of the elements are of low solubility, and their formation 
by oxidation or reduction involves their precipitation. 

In the system Ag+ + e ^ Ag ^ the redox potential is given by 

E = E„ + 0-06 log 

I Ag| 

The activity of Ag in the solid is constant (taken = 1 by convention) 
and so we get 

E = 0-80 + 0-06 log I Ag+ I volt 

In this way a potential of a new kind is defined. The value of this 
potential when ] Ag+ | — 1, i.e. 0-80 volt here, is called the normal or 
standard potential. 

Similarly we have 

S2- _ 2e ^ S I 

with E = 0*51 - 0-03 log | S^- | volt 


Disproportionation. — In the redox systems, 

Cu2+ -i- e ^ Cu+ Eq = 0*17 volt 
and Cu+ -}- e Cu | E'q = 0-52 volt 

As a result of the precipitation of copper, the oxidizing properties of 
Cu+ are reinforced and E'o? which is the formal normal potential, becomes 
larger than Eq. The second system oxidizes the first, in other words Cu+ 
reacts with itself 

Cu+ 4- Cu+ ^ Cu ^ -f Cu2+ 

This is equivalent to saying that the disproportionation equilibrium is 
displaced to the right as a result of the precipitation of copper. At equili- 
brium we have 


E = 0-17 + 0-06 log = 0-52 + 0-06 log | Cu+ | volt 


whence 


log 


Cu2+ I 

“cu+F 


= 6 or 


Cu^+I 

Cu+ P 


10 ® 


Cut introduced into the solution disappears and is replaced by Cu^+ 
and Cu 4, until the concentrations are in agreement with the latter 
relationship. The cuprous ions are therefore more or less non-existent in 
solution, and the only redox system of interest is 


Cu^t 4- 2e— >■ Cu 4, with E == 0-35 + 0-03 log | Cu^t | volt 


* In the rest of this book, ‘redox’ will be used instead of ‘oxidation-reduction’. 
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Normal redox potentials of metals 





Volts 



Volts 


4- €. 


, i - 3 02 

T1+ 

■^ € ^Tl 1 

- 0-34 

Sr=+ 

■f 2e 

^ Sr 

^ — 2-95 

! Co2+ 

-f 2e ^ Co i 

- 0-28 

K+ 

-f c 


, — 2-92 

' Xi2+ 

- 2e ^ Ni }. 

- 0-24 

Ba=+ 

2e 

^ Ba ; — 2-9 

, Sn2^ 

-i- 2c ^ Sn 

— 0-14 






4- 2c Pb t 

~ 0-13 

Ca2^ 

-f- 2e 

^Ca , 

: - 2-S 

2H^ 

2c H, t 

0-00 

Na+ 

“ € 

^Na 

i - 2-71 

1 Sb»^ 

- - 3c ^ Sb ' 

4- 0-10 


2f> 


2-4 

1 Bi3r 

3c Bi i 

-- 0-23 


4- 2c 

^Be 

— 1*78 

As3- 

- ;■ 3c ^ As j 

„ 0-3 

Ce2+ 

— lie 

C’e 

— 1-08 

1 Cu^^- 

4- 2c Cu [ 

-- 0-345 


4- 3c 

^Al 

— l‘{>7 

Ag^ 

c ^ Ag j 

- - 0-80 

Mipx 

4- 2c 

^ Mil 

- 1-05 


- 2c 2Hg f 

- 0-80 

ZiP+ 

2c 

^Zn 

— 0-70 

Pd‘-‘" 

2c ^ Pd 1 

~ ^ 0-99 

Cr2^ 

-i-- 2c 

^ Cr 

— 0-5(> 

Pt-+ 

2c ^ Pt J 

1-2 

Fe-^ 

_ 2c 

=iFe i 

— 0-44 

AiP 

- - c ^ Au ] 

1-40 

Cd^-i- 

4 - 2c 

==iCd 1 

- 0-40 





Normal redox potentials of non-metals 






Volt 


Volts 

Te2- 

— 2c 

^Te j 


- 0-92 

I, [ ~2e ^ 21- 

4- 0-62 

Se2- 

__ 2e 

;=^Se L 


- 0-77 

Br.. f — 2c 2Br- 

4- 1*09 

S2- 

~ 2e 

! 


- 0-51 

Clj i 2e 2CI- 

•f 1-41 

AsH, t 

— 3c 

^ As .j. 4 

3H+ 

- 0-54 

Fo -i- 2c 2F~ 

4- 2-85 

sbH; t 

- 3c 

^ Sb -r 

3H- 

~ 0-5 


(c*ale.) 


Attack on a metal 

Chemical attack on a metal transforms it from a zero to a positive 
state of oxidation, and is thus an oxidation. Consideration of redox 
potentials gives valuable information. 

Attack by acids. — The two redox systems involved are 

Me”+ -h ne Me I (I) 

2H+ -f 2e ^ Ha t (II) 

with the potentials: 

E = Eo + log 1 Me^t ] (I) 

n 

E' = — 0*06 pH for unit Hg pressure . . . (II) 

Take the ease of aluminium for example. When this metal is put in 
contact with water, the following two redox systems are obtained: 

A13+ + Se ^ A1 ^ . . . . . . (I) 

2H+ -f 2e ^ Ha t (II) 

and E = — 1*6 + 0-02 log | APt | volts 

for which 

E' = — 0‘06 pH — 0-03 logpHg; /^H^ being the pressure of the Hg 
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In N acid solution, = 0, system (II) can oxidize system (I) and we 
get the follomng equation for the attack of acids on aluminium: 

A1 ^ 4- 3H+-> A13+ + fHs t 

The more reducing the metal, the more easily it is attacked by acids. 
The alkali metals reduce the hydrogen ions of water, even in alkaline 
solution: 

Na I + H+->Na+ + iHg f 

Thus the attack of acids on metals can be predicted. The potentials 
are given on page 93. 

Oxidizing attack. — In addition to the oxidizing action of its hydrogen 
ions, nitric acid can act as a more powerful oxidizing agent in the system 

NOg- + 4H+ + NO t + 2 H 2 O Eq = 0-95 volt at pH = 0 

Sulphuric acid can act as an oxidant if it is concentrated and hot. The 
same applies to perchloric acid at its b.p. 

Similar sort of attack can be obtained by the oxidizing mixtures 
HCl + Brg, HCl 4- CIOs", etc. 

Overvoltage. — In practice, phenomena are more complicated. The re- 
duction of H+ ions does not occur at any reasonable speed until the 
potential is in general lower than that predicted. This difference between 
the potential calculated and that actually observed is called the ‘over- 
voltage’ or ‘over-potential’ (see p. 108). There are other causes of disturb- 
ance as well, such as: 

(a) Passivation — the metal becomes coated with a protective film of 
oxide, for example, and the attack ceases. Examples are V, W, Mo, Cr, U. 

(h) Impurities can exert an effect on the rate of attack. Thus very pure 
aluminium is only attacked very slowly. 

(c) The physical state of the metal. — Finely divided metals present a 
large surface for attack and the rate of attack is then greater, and can 
become very high indeed. 

Reduction by metals 

Reduction by metals and amalgams is much used in quantitative, and 
it has a limited applicability in qualitative, analysis. 

Peduction in acid solution. — Reduction by copper. — A drop of solution 
is placed on a piece of sheet copper. It can be seen from the table of 
normal potentials that copper precipitates the following metals: gold 
(1-46 volts), platinum (1*2 volts), silver (0*80 volt), mercury (0*80 volt). 
Gold and platinum are not often met with, and silver is not present in a 
hydrochloric acid solution; the test is used in looking for mercury (p. 220). 

Reduction by tin. — Tin reduces numerous ions to the metallic state in 
HCl solution. Besides the preceding metals, antimony and bismuth are 
rapidly precipitated (black stain), arsenic slowly (brown stain) and copper 
very slowly, in hydrochloric acid solution. 

Antimony and bismuth can thus be detected (p. 217). Reduction is 
obtained by depositing a drop of the solution on a piece of tin foil. 
Hg (II) is previously separated (and driven off) by heating with copper 
pow^der which produces Hg. 
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Reduction in alkaline solution. — In 2N-NaOH the following systems 
can be used: 



Oxidant 


Reductant 


Ag^O 1 - 

■> Ag ; 

0*30 volt 




HgO 

-> Hg j. 

0*10 „ 




Bi(III) - 

Bi j - 

0-40 „ 

Sb(ni) Sb( V) - 

0-.5--0-6 volt 

more 

As(III) - 

->■ As -1, 




reducing 

Sb(III)- 

Sb 1 - 

0*.5-0*6 volt 

Fe(n) — >Fe(III) 

— 0-7 volt 





Sn(II) — >Sn{IV) 

- 0-9 > 



II. VARIATION OF REDOX PROPERTIES BY 
PRECIPITATION OF HYDROXIDES 


The normal potential of the thallous-thallic system 
TP-r J^2e ^ T1+ 

is independent of jpH: 

1 TP+ 1 

E = 1 *28 + 0*03 log — —- 7 volt 
s T1+ 


This applies until a pH of 0-3 is reached in 10“^M solution. After this 
the s.p. 1 TP+ I . j OH- 1 = 10-^^ is reached, thallic hydroxide precipitates, 
thus the TP+ ions in the solution disappear and the formal potential falls 
rapidly. 


E = 1-28 -f 0*03 log 


= 1-28 + 0-03 log 
= 1*25 + 0-03 log 


10-43 


I OH- 
IO-!.! 


j3 I Xju- I 

H+ P 


i T1+ 
1 


volts 


Tl+I 


0 09 pH 


We now have the system: 

T1(0H)3 I + 2e + 3H+ ^ T1+ -f SH^O 
1 H+ P 

E = E'o + 0-03 log j - I with E'q = 1*25 volt 

The formal potential as a function of pH is presented in fig. 26 for 10-^M 
solutions. 

In acid solution, TP+ is a strong oxidant. In alkaline solution T1+ is 
an energetic reductant. 

The same remarks apply to the system Fe^+/Fe^+. Above pH 2 an 
O-OIM solution starts to precipitate. Fe^+ ions disappear as Fe(OH )3 and 
the formal normal potential falls (fig. 41, p. 164). 

Thus Fe^+ only oxidizes slowly in the air in acid solution, but more 
rapidly when Fe®+ commences to precipitate. Ferrous salts become ener- 
getic reductants when the solution is no longer acid. 
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Inversely . — Oxidation and reduction with precipitation involve 
variations in the acidity of the solution. Thus the oxidation of Ti+ makes 
the solution more acid. 



FIG. 20. — ^FORMAL POTENTIAL OF THE SYSTEM T1(III)/T1(I) 

The same applies to the system 

MnOi" -1- 4H+ + Se ^ MnOa 4^ + 2 H 2 O 
for which we may write 

E =B„ +^loglMnO,-|.|H+|* 

defining thus a new normal potential Eg. 

With the system 

^ PbOa I + 2H+ + 2e ^ PbO | + HoO 
we have E — Eq — 0-06 2 )H 

Disproportionation by precipitation of hydroxides. — Consider 
the system 

Mn 04 - -b e ^ MnO^s- 

Its normal potential, independent of pH, is represented by the line 
AB in the adjacent fig. 27. 



FIG. 27. — FORMAL POTENTIAL OF THE SYSTEMS Mn04““/Mn04'"/Mn02 
AS A FUNCTION OF pH 

In the system 

MnO^s- + 4H-t + 2c ^ MnO^ + 2HoO 
E =Eo +^®loglH+i‘ 


we have 
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Its formal normal potential varies as — 0*12 pH. It is represented by 
the line CD. It will be seen that to the left of E the system 

is more oxidizing than the system MnO^-ZMnO^^-. The oxidant of the 
first system Mn 042 - reacts on the reductant of the second system 
Mn 042 ~ thus: 

3Mn042- -f 4H+ ^ MnO^ j + 2Mn04- + SHgO 

Mn 042 - disappears by disproportionation, because the low-solubility 
IMnOg causes the equilibrium to be displaced towards the right, which 
comes back to saying that the system Mn 042 -/Mn 02 is more oxidizing 
in acid solution. 

To the left of the point E, Mn 04 “ and MnOg remain, and the new 
system will be 

Mn04- + 4H+ + 3e ^ MnO^ | + 2 H 2 O 

E = E'o + ^log I H- 1* Line EF 
3 

The regions of predominance of Mn 042 ~ and of Mn 04 “, and of appear- 
ance of MnOg, are thus delimited. 

Balancing equations. — Consider the disproportionation of the 
manganates: 

Mn 04 ^“" -i- . . . Mn 04 ”" -f MnOg ^j, -h - . . 

The two redox systems reacting are 
2[Mn6+ - e -> Mn’+] 

Mns+ -f 2e Mn*+ 

3Mn6+ 2Mn7+ + Mn^^ 

or 3 Mn 04 ^“ -f 4H + — > 2 Mn 04 “ + MnOg | -h HgO 

Experiment. — To a few millilitres of 0*01 N permanganate add a few 
millili tres of 0-5N caustic soda, and one or two drops of a 10 per cent 
sulphite solution. The solution becomes green through reduction of the 
permanganate to manganate. 

Add some acid to this solution: the green manganate disproportion- 
ates and the violet colour of the permanganate reappears. 

Another example. — Let us plot the formal potentials of O-OIM solu- 
tions of the redox systems of Hg as a function of pH. We have 

I Hff2+ 1 2 

2Hg2+ 2e ^ Hg 22 +; E - 0*91 + 0*03 log volt 

1 Hga^-^ I 

The formal potential is independent of pH. When the pH increases, low- 
solubility HgO is formed (at pH 2 in an O-OIM perchloric acid solution) 
and we have then 

2HgO I + 4H+ + 2e ^ Hga^^ + 2 H 2 O E = A - 0*12 pH 
Hga^^ + 2e ^ E = 0*80 -F 0*03 log | Hga^^ ] volt 
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This is shown in fig. 28. It will be seen that the two straight lines 
intersect at about pH 3. Hga^^ then disproportionates into Hg and HgO: 

+ H^O ^ HgO I -f Hg I + 2H+ 

The new system is then 

HgO I 4- 2H+ + 2e ^ Hg I + HgO E = B - 0-06 pH 

The domains of predominance of the various substances are thus 
determined (see fig. 28). It wiU be seen that Hga^"^ only exists over a 
small region of potential and pH. HggO and Hg 2 (OH )2 do not exist. If 
the attempt is made to form them by reduction of HgO, Hg is obtained. 
If caustic soda is added to Hgg^’^’ the pH increases and there is a dispro- 
portionation into HgO and Hg. 



FIG. 28. — APPROXIMATE FORMAE POTENTIALS OF THE SYSTEMS 

Hg(H)/Hg(I)/Hg 

Region of existence of the states of oxidation. — The existence of 
certain states of oxidation can be conditioned not only by the redox 
properties of the solvent, but also by disproportionation reactions. 

HI. VARIATION OF REDOX PROPERTIES BY 
PRECIPITATION OF SALTS 

(1) Reducing power of silver in hydrochloric acid solution. — 
Silver is a metal which it is difficult to attack since its redox potential is 
high; 

Ag ^ — e ^ Ag+ E = 0*80 -f 0*06 log | Ag+ [ volt 

It cannot be oxidized except by energetic oxidizing agents; it is a 
rather poor reductant. 

In the presence of Cl- ions, matters are different, as a result of the 
formation of low-solubility AgCl, having the s.p. | Ag+ [ . | Cl- | = 10-^*’. 
In N-HCl, I Ag+ ] cannot exceed 10-®*^ and we have 

E = 0-80 -f 0-06 log 10-9*7 = 0-22 volt 

Thus silver, in the presence of chlonde ions, becomes much more 
reducing. In N-HCl it can for example reduce Fe®+. 

Reducing power of mercury . — Similar reasoning can be applied. The 
reducing power of mercury in N-HCl is similar to that of silver, because 
of the formation of low-solubility HgaClg. 
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(2) Oxidizing power of cupric salts. — Cupric ions are not very 
strong oxidants: 

Cu2+ -f- e ^ Cu+ 0*17 volt 

Cu2+ -f 2e ^ Cu 0*35 „ 

However, they can become considerably more oxidizing if low- 
solubility cuprous compounds are formed. They can, in particular, 
oxidize iodides because of the formation of low-solubility Cul. 

I 2 -f 2e ^ 21- 0-62 volt 


Cu2+ + 21--^ Cul I + II 2 

Experiment, — Take a solution of a cupric salt, mix it with an acetate 
buffer and add a little benzidine (in alcohol or acetic acid). Add some 
thiocyanate ion CNS". Cu^^ becomes very oxidizing, because CuCNS is of 
low solubility. The benzidine is oxidized and a blue colour appears. 

(3) Oxidizing power of ferricyanides. — Ferricyanides do not 
oxidize iodides in acid solution. The addition of a zinc salt causes this 
oxidation to occur quantitatively. 


E 


= 0*60 + 0*06 log 


I Fe(CN)e3- 

1 Fe(CN)s^- I 


E = 0*62 + 0-03 log 


ihi 

li-p 


volt 


The addition of the zinc salt causes the low- solubility zinc ferro- 
cyanide to be precipitated. The ferrocyanide ions disappear, E rises; 
ferricyanide becomes more oxidizing, the oxidation of iodides becomes 
possible. 

Summarizing it can he said that the precipitation of one of the ions, 
whether oxidant or reductant, apparently reinforces the reducing or oxidizing 
properties of the conjugate ion. 

Oxidizability of sulphides. — The oxidation of sulphides in the 
presence of water obeys the relationship: 

E = Eo - 0*03 log 1 S2- I 

When a sulphide is of low solubility, S^- is limited by its s.p. The 
smaller S^-, the larger E and hence the more difficult the sulphide is to 
oxidize. 

Referring to the s.p.’s of the sulphides we have, for example: 


lHg2+|.l S2-| = 10-53 
1 Ag+|2.|S3-| = 10-«» 
1 Fe3+ l.j S2-| = 10-22 
1 Mn2+|.lS2-l = 10-15 


It will be seen that mercuric sulphide is the least easy to oxidize. It 
is not attacked by nitric acid at 100° C. Silver sulphide is attacked slowly 
by hot nitric acid. The wet sulphides of manganese and iron are oxidized 
on exposure to the air. Soluble sulphides such as those of the alkali metals 
oxidize in the air. 

Reduction of mercuric salts in hydrochloric acid solution, — 
Mercuric salts in acid solution are reduced by the majority of reductants 
8 
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to metallic mercury, without a halt at the mercurous stage; the potentials 
of the two systems are very near to one another: 0*91 and 0-80 volt. 

In hydrochloric acid, HgaCla is of low solubility and thus Hg^^ becomes 
more oxidizing and Hg*^ more reducing, and thus the stage of Hg2Cl2 is 
more easily halted at. Thus stannous chloride in restricted quantity re- 
duces mercuric salts, giving a white precipitate of mercurous chloride. 

Existence of higher oxides. — The oxides of higher odixation num- 
ber generally yield unstable cations which are either too acid or too 
oxidizing. The very low solubility of the oxide stabilizes the correspond- 
ing oxidation state. In spite of this low solubility, the higher oxides are 
often very strongly oxidizing. 

PbOa Pb^-r Eo = P4T volt at pH 0 
MnOa/'Mn^^ Eq = 1-28 volt at pH 0 

Disproportionation. — (1) Disproportionation is favoured by 
precipitation, which displaces the equilibrium. 

Example. — {a) CIO” disproportionates very slowly into CIO 3" and 
Cl”, but rapidly in the presence of Ag+ ions. 

3C10- -I- Agt ^ CIO3” -f 2AgCl I 

{h) disproportionates, along the same lines, into SO4-” and S-” 

even in neutral solution, in the presence of Hg2+ ions. 

SsOs^- -f Hg2+ -f HsO-^HgS 4, 4- SO42- -f 2H+ 
and the solution becomes acid. 

Note . — Yellowish mercuric chlorosulphide is formed as an inter- 
mediate compound. 

Detection of thiosulphates . — This reaction is utilized for the detec- 
tion of thiosulphates (p. 121). Add a drop of methyl orange to a drop of 
thiosulphate solution (which is neutral because HSgOg” is a fairly strong 
acid). Then add neutral mercuric chloride in excess. The solution becomes 
acid and the indicator turns red. 

(c) Iodine disproportionates in the presence of Ag ions as a result of 
the formation of low-solubility Agl, even in acid solution. 

I2 -I- Ag+ -f HgO-^ HIO + Agl 4, -1- H+ 
or 31 2 4- SHgO + 5Ag + — >■ lO^” -f 5 Agl 4^ -j- 6H+ 

Experiment . — Add a drop of iodine in iodide solution to a little water: 
then a little starch which turns blue with the iodine present. Add silver 
nitrate drop by drop: the blue colour of the iodine disappears. 

(2) Disproportionation can be inhibited by the formation of 
low- solubility compounds. — Cu+ scarcely exists in water because of 
disproportionation, but low-solubility compounds such as Cul, CuCl, CugO 
are known. 

(3) Intermediate hydroxides. — When the element has several 
states of oxidation, intermediate hydroxides or oxides are generally 
formed in alkaline solution: such as Fe304 (or Fe(Fe02)2), Fb304, etc. 
These oxides are disproportionated in acid solutions. 
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PRECIPITATION. COMPLEXES. REDOX AND pH 

\VE give below some more complicated examples which involve the 
exchange of more than two species of particles. 

Attack of metals by the formation of complexes. — Example. — 
{a) Gold is a noble metal. E = 1*46 -f- 0*06 log ] Au+ | volts. 

Only very powerful oxidants can attack it. However, in the presence 
of cyanides, it oxidizes rapidly in the air and passes into solution; in 
effect, an aurocyanide complex of great stability is formed; j Au^ j thus 
becomes very small in the presence of CN” ions. E decreases rapidly and 
the gold then oxidizes easily in the air, and very rapidly in the presence of 
oxidizing agents. 

(b) Attack by HE. — The fluoride ion forms complexes with a large 
number of ions. This explains the attack of certain metals by hydrofluoric 
acid which is actually a weak acid. Thus tantalum, a metal which is 
attacked only with difficulty, is oxidized in the presence of hydrofluoric 
acid as a result of formation of a fluoride complex. Naturally, the attack 
is favoured in all cases by the addition of an oxidant. Attack by a 
mixture of nitric and hydrofluoric acids is still more efficacious. 

(c) Attack of antimony by mixed nitric and tartaric acids. 

{d) Attack by aqua regia. — Aqua regia is a mixture of concentrated 
HCl and HNO3. It should not ob\iousIy be more oxidizing than HNO3 
itself- However, attack is favoured by tiie formation of chloride com- 
plexes. This is the ease with gold and the metals of the platinum group 
which give stable chloride complexes. 

3Pt + 4NO3- + 18C1 - -f 16H + — aPtCifiS™ 4- 4N0 + SH^O 

(e) A piece of silver foil blackens in damp air, in the presence of traces 
of hydrogen sulphide. — Black silver sulphide of very low' solubility is 
formed: 

i Ag-^ ]-.| S2-] = 

Thus silver is oxidized: 


Ag I — e ^ Ag+ E = 0*80 + 0*06 log | Ag+ | volt 
The oxidizing systems can be H+ due to HgS: 

2H+ -f 2e ^ Ha t E = - 0*06 pH . , . 

or atmospheric oxygen: 

. Oa t + 4H+ + 4e 2HaO E = 1*23 - 0*06 pH volt . . 


We have 


HS~ 


H+i 


H.SI 


= 10-’-^ and 




HS- 




whence 


iH,S| 


'The solubility of H^S is about 0-lM. 

101 


(I) 

(II) 



102 


Qiialiiative Ino7'ganic Analysis 

Let us find out first exactly wMch is the system which has oxidized 
the silver. The pH. is determined by HgS: 

pH = f log c = 3*5 + 0*5 = 4*0 

System (I) has a potential of E = — 0*06 pH — — 0*24 volt. System (II) 
gives a potential of E =1*2 — 0*06 pH = 0*96 volt. 

Silver becomes strongly reducing in the presence of S^- on account of 
the formation of Ag^S of very low solubility. At pH 4*0 | | is given by 

jS^-I.(10~^)^- 


10 -^ 1 


= 10“22; thus I S-~ j = 10 ’ 


j Ag^ I is given by the s.p. : j Ag+ = Iq-^s-s whence | Ag-^ | = 

and the reducing power of silver is given by E = 0*80 -f- 
0*06 log 10-^®*^ = - 0*21 volt. 

Oxidation thus occurs \ia the oxygen of the air. It is slow, because the 
system with oxygen acts slowly. 

We thus have the reaction: 


O. t -T- 2 H 2 S t -f 4Ag 2Ag2S I + 2HoO 

Action of ammonia on mercurous chloride. Detection of 
mercurous mercury and of Ag+: 

Hg.Cl^ f 4- 2XH3-->HgNH2Cl | + Hg 4 , + + 01“ 

Mercuric aminochloride and black metallic mercury are formed. 

This reaction involves two disproportionations: 

^ Hg24 + Hg 4 , 

and 2 NH 3 ^ NH 2 - -f NH 4 + 

XHs” is extremely basic and can only exist in compounds w^hich are 
only very slightly ionized: e.g. HgXHaCl. 

X'aturally, the addition of acid reproduces XH 3 and then XH 4 + and 
the compound has a tendency to redissolve. 

Usually when Hg^^^ and Ag+ are being sought, they are precipitated 
in the form of their chlorides which are washed. The precipitate is taken 
again with XHg. AgCl passes into solution in the form of an amminated 
complex and HgXHgCl + black Hg remain on the filter. Thanks tx) the 
XH 4 + a little of the aminochloride can redissolve. 

HgXH.CI 4 , -f XH 4 + 2 XH 3 + HgCl+ 
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SOLVENTS OTHER THAN WATER 


SOLVENTS other than water offer various possibilities, because the 
properties of compounds are different in them and, as a result, reactions 
can be realized which are impossible in water: all the constants are 
different as well as the solubilities: the limitations relative both to ions 
and states of oxidation are also different. 

Certain rules make it possible to predict qualitatively a certain number 
of properties starting from the properties in aqueous solution. {See 
Methodes Modernes d" Analyse Qiiantitatire, G. Chariot and D. Bezier, 
Masson, Paris, 1949.) 

EXCHANGE OF PROTONS.--(a) Protolytic sol vents. —These 
solvents behave in a manner similar to water. They can play the role of 
acid and of base in relation to proton exchange. 

Thus alcohol CoHgOH gives the following acid-base equilibria: 
C2H5OH -f H+ ^ 

C2H5OH - H+ ^ C2H5O- 

The ionic product, similar to that for water, is given by: 

2C2H5OH ^ C2H5OH2+ + C2H5O- 
Le. 1 C2H5OH.- j .| C2H5O- I = 10-is 

Pure acetic acid gives 

CH3CO2H + H+ ^ CH3CO3H2- 
and CHjtlOaH - H+ ^ CHjCO,- 

lonic product: | CH3CO2H2+ [-I CHsCOj- ] = 10“^“ 

Alcohols and acids are protolytic solvents. 

Liquid ammonia considered as a solvent gives 
NH3 + H+ ^ NH4+ 

NH3 - H+ ^ NH^- 


jVofe. — The two acid-base systems of the solvent limit the two ex- 
tremes of the acidity scale. 

For example, in acetic acid, any acid stronger than CH3CO2H2+ will be 
a strong acid: 

HCIO4 -f CHsCOgH-^ClO^- -i- CH3CO2H2+ 

Any base stronger than CH3C02“ will be a strong base: 

NH 3 4- CH3C02->NH4+ + CHgCOg- 
The strength of acid-base pairs and the acidity of the solution can be 
determined by means of acidity potentials. pK values and a pH scale 
defined by analogy with that which is generally adopted for water can be 


used: 

I Base 1 . 1 H+ solvated [ ^ ^ „ 

I Acid 1 


log I H+ solvated j 
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The relative strengths of acid-base pairs in different solvents can be 
different from what they are in water. They depend both on the basicity 
of the solvent and its dielectric constant. 

(b) Active non-protolytic solvents, — These can solvate certain 
ions, but do not naturally donate protons. Frequently they cannot 
accept them at all. But acids and bases in solution can exchange protons. 
Thus, in nitrobenzene, we have 

HCI ^ CgH-XHs- + Cl- 

The acidity scale has no limit. 

(c) Inert solvents. — Proton exchange can still occur, but the 
reactions take place between molecules: 

HCI + XH3 XH^Cl 

EXCHANGE OF IONS. — {a) Active solvents. — The solvent can 
exchange a given particle. 

Thus COCL, can exchange Cl~: 

COClo ^ COC 1 + + Gl- 
and COCU 4- Cl- ^ COCI3- 

We thus get reactions such as 

AlCIs + COCI3- ^ AICI4- + COClo 

In simplified notation, that is, omitting the molecules of the solvent, 
the reaction becomes 

AICI3 -f Cl- AICI4- 

Thus there are limitations of the scale for the Cl- donor-acceptor systems. 

{b) Inert solvents. — These do not take part in reactions between 
complexes. 
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REACTIONS IN THE PRESENCE OF A SECOND 
SOLVENT. EXTRACTION 


THE most interesting case is that in which one of the solvents is water 
and the other is an organic liquid insoluble in w’^ater: benzyl alcohol, 
carbon tetrachloride, chloroform, ether, ethyl acetate, etc. 

Certain inorganic compounds are soluble in these organic solvents 
(thiocyanates, chlorides, etc.). Numerous organic-inorganic compounds 
dissolve in them. 

Distribution coefficients. — When a substance A is soluble both in 
the solvent and in water, the equilibrium 

-'^water ^ ^solvent 


is set up, and, applying the law of mass action, we get the expression: 

I ^ I solr . _ 

1 ^ 1h,o 

D is called the ‘Distribution (or sometimes “Partition") coefficient’ 
for the compoimd considered, between the second solvent and water. 

WTien the two solutions are saturated, equilibrium is still set up, and, 
as a result, D = Sg/S^^,, the S’s being the solubilities of the substance in 
the solvent and water. 

Note . — If one of the solvents is inert, wffiich frequently happens, the 
solvent only contains molecules, and these molecules are in equilibrium 
wdth those in the water, or with the corresponding ions. 

Displacement of the equilibria in water by the addition of a 
second solvent. — (1) Take for example the equilibrium 

I 2 + I ^ Is"" 


we have 


= K 


If a second solvent in which the iodine can dissolve is added, the 
equilibrium w?ill be displaced towards the left and W’’e shall have the 
additional relationship: 

■r . T .. :iK 1 ^2 isOlV. 

1 2 sol V. With 


•- 2 H 3 O 


D 


. I2 IHsO 

Reciprocally, the addition of I" or the disappearance of I”, in the 
aqueous solution displaces the equilibria and the concentration of iodine 
in the solvent wdll vary. 

(2) Oxine is an acid: 

lOx-LjH+l 

Oxine ^ Ox- + H+ with | oine f' “ ' 

In the presence of a second solvent such as chloroform we have 

^ ^ 1 IcHCl, p. 

Oxinen^o ^ Oxinecmn. with = D 
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The oxine can be caused to disappear by adding chloroform to the 
aqueous solution, and the solution becomes less acid as a result. 

Reciprocally, the addition of acid to the aqueous solution increases the 
quantity of oxine in the chloroform (in a solution of low acidity, because 
oxine is also a base), hence the proportion of oxine dissolved in the chloro- 
form depends on the pH. 

(3) Fe^"^ gives various complexes with CNS“. Fe(CNS )3 (or 
Fe[Fe(CNS)6]) is soluble in organic solvents; equilibria are accordingly 
displaced and complexes in water such as FeCNS^+ disappear by dis- 
proportionation. 

Importance of solvents not miscible with water. — The use of 
solvents immiscible with water constitutes a new means of affecting in 
a definite manner the usual equilibria: acid-base, redox, and those involv- 
ing complexes and precipitation. It is a technique as important as that 
of the formation of complexes, or precipitation. If this new technique is 
combined "v^ith the ones we already have at our disposal: control of pH, 
oxidation-reduction, formation of complexes and of precipitates, the 
possibilities open to us are boundless. It should be added that a large 
number of compoimds between inorganic ions and organic reagents are 
soluble in solvents which are not miscible with water. 

We do not intend to develop here these possibilities in the same detail 
as has been done for aqueous systems in the preceding chapters: the 
methods of reasoning are similar, and the chemist already familiar with 
them can easily en\isage their application to the various cases which 
present themselves. 

Extraction of a compound from its aqueous solution by means 
of a second solvent. — Take the simple case of a compound which does 
not ionize either in water or the other solvent. Let Cq be the initial con- 
centration in a volume V of water. The total quantity of material is CqV. 
Add to this a quantity V' of the second solvent, and when equilibrium has 
been attained, let be the concentration of the substance in water, and 
c\ its concentration in the solvent. We shall have the relations: 

^ = D and CoV = c^V + e\V' whence - 

Cj V -f- Jj V 

Remove the solvent and repeat the operation with the same volume of 
pure solvent. After n operations of this kind, we have 



being the concentration in water after n extractions. If D = 10, that 
is to say if the compoimd is 10 times more soluble in the solvent than it 
is in water, we have for the case where Cq = 100 and V = V': 

Cl = 9; Cg = 0-8; = 0*07 

If D were 1000, extraction would be complete (99-9 per cent) after a single 
operation. 

The ratio V /V' changes in the same way as D. 

Technique of extraction in qualitative analysis. — ^Equilibrium is 
only attained between the two phases in general after vigorous shaking, 
and when the concentrations are small, the shaking must be prolonged. 
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Usually, in qualitative analysis, this shaking is done in a test-tube 
whose mouth is closed by the finger. If the system be then filtered through 
a filter paper wetted in advance with water, the aqueous solution will pass 
through; if it is desired to get the solvent phase to pass through, then the 
filter should be wetted with the pure solvent. After separation, the phase 
which remains on the filter can be washed with some of the other solvent. 

If filtration appears impracticable, then separating funnels can be 
used; this facilitates the washing of the phases. 

Examples are given in Part II (see Aluminium, p. 157). 



CHAPTER XVH 


SLOW REACTIONS. REACTIONS EFFECTED 
IRREYERSIBLAL CATALA'SIS 

SLOW REACTIONS 

THE parameters which have been defined in the preceding chapters and 
the information about the constants of diiferent systems permit the pre- 
diction of the equilibria which should be obtained when several substances 

are mixed. 

Sometimes reactions are slow and we cannot wait for equilibrium to 
be attained: sometimes the reactions are so slow that to all intents and 
purposes they do not occur {‘false equilibria’). The preceding considera- 
tions then merely enable us to predict what is theoretically possible but 
they are insufficient to tell us whether what we predict can really be 
achieved on our time scale. 

Fortunately the majority of reactions involving exchanges of ions are 
rapid. However, a considerable number of oxidation and reduction 
reactions are slow. 

Redox reactions 

A certain number of redox reactions are rapid and the final equili- 
brium is predictable by means of redox potentials. This is the case for 
reactions between two systems among the following: Fe(III)/Fe(II) — 
Ce(IV)'Ce(III) — Hg(II)/Hg(I) — 13-/!“ — Fe(CN)e 3 -/Fe(CN)/- — 
Zn(II)/Zn Cd(II)/Cd Cu(II)/Cu 4.— Pb(II)/Pb Ag(I)/Ag 4,, 

and without doubt among others as well. 

This should be the case also for numerous other systems for which the 
rate of reaction is increased by means of catalysts, by raising the tempera- 
ture, changing the pH, etc. 

In numerous other cases reactions are slow or infinitely slow in the 
neighbourhood of equilibrium, and whilst the rate of reaction depends on 
both the substances present it can be said that certain substances are 
alw'ays reduced or oxidized infinitely slowly in dilute solutions: C104~, 
SO^^-, etc. The systems in water 

2H2O - 4 e O2 + 4 H+ E = 1*23 ~ 0-06 pH (volts) 
and 2H2O -f 2 e ^ Ha + 20 H- E = - 0-06 pH (volts) 
only react very slowly in the neighbourhood of equilibrium, so that 
numerous substances exist in solution Avhich should oxidize or reduce 
water: Mn04“' (1*6 volts at pH 0), Cr^t- ( _ o-S volt at pH 0), etc. 

Oseidation and reduction potential Reactions carried out irreversibly , — 
Take for example the redox system sulphite-ditluonate: 

2 S 03 ^- - 2e ^ SgOgS- 

The normal potential of this system can be calculated and we have 
E = - 0-3 + 0-03 volt 
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If we consider a solution containing unit concentration of and 

8205^“, all systems whose potential is higher than — 0*3 volt should 
oxidize SOg^"; but none does. In general, oxidants whose potential is 
already high, Fe(III), Ig for example, are necessary in order to get 
reaction at a reasonable speed. We can define very crudely a potential 
above which SO 3 will be oxidized at a reasonable speed. It mil be called 
the oxidation potential in order to distinguish it from the redox potential 
which corresponds to equilibrium. The additional potential difference 
which is necessary to get reaction at a reasonable speed is analogous to an 
over-potential. 

Note . — It is e\ident that the oxidation potential, which depends upon 
the rate of reaction, depends not only on the system considered but also 
on the two substances reacting. This value of the potential is thus only an 
indication; exceptions are known., Experience shows that this approxima- 
tion is very valuable in default of other information. 



FIG. 29. EQUiniBRIUM POTENTIAL OF SOg^'/SgOg-” 

AND OXIDATION POTENTIAL OF SOg-^ 

As the oxidation of sulphites cannot take place at a reasonable speed 
except at a potential very far from the equihbriurn potential, the rate of 
reduction of dithionate is thus negligible. The reaction is carried out 
irreversibly and the coneentratioi^of dithionate has no influence on it. 
The oxidation potential can be given in the form E (oxidation) 
= _|_ 0*3 — A log I SOg^” I volt. The potentials are plotted in fig. 29 as 
a function of pH. The equilibrium potential is indicated by the solid lines 
and the oxidation potential by dotted lines. In zone II sulphite is oxidized 
infinitely slowly or very slowly and is in false equilibrium. In zone I it is 
oxidized irreversibly. In zone III it cannot be oxidized. 

2^ote . — In electrochemistry the over-potential depends on the nature 
of the electrode, here it depends on the substances reacting. The chemical 
reactions w’Mch occur in the presence of the electrode material can be 
rigorously predicted from polarization curves. 

Prediction of reactions. — ^Within the limits of value of these em- 
pirical considerations we can get an idea about the conditions under wMch 
chemical reactions are possible at a reasonable speed. Let us represent the 
properties of some systems graphically. 
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Redox systems of vcater , — Water can be oxidized: 

Overall system: 2H2O ~ 4e ^ O2 4- with E = 1*23-0 *06 pH volts 
Inversely oxygen can be reduced when the operations are carried out 


in air. 

Water can be reduced: 


2H+ 4- ^ H2 

or 2H2O 4- 2e ^ Ha 4- 20H- with E = - 0*06 pH volt 

These systems are always operative in aqueous solution and as a result 
they restrict the region in which reactions are possible. 


1 


1 , 

1 

1 

olo 

volt 

^ ,.'o 

volt 

1 


^ volt % '/oit V/ 

H 20^02 H 20-^02 

FIG. 30 


Example , — Consider the systems: 

thiosulphate /'tetrathionate So03““/S406“~ and iodine/iodide I3 /I . 

Potentials 

Re ductonts ] f ^2 Oxido^o ^ 

hVHs S 20 | 7 S 40 r I/r Redox 

Ox idants soli | } _Re^on 

CIOZ f I 

FIG, 31 


It can be seen that the thiosulphate can be oxidized at a considerable 
rate by the iodine. On the other hand 8406^“ cannot be reduced in 
aqueous solution: H"^ is reduced beforehand. Thus S^Og" cannot be 
obtained by reduction of in aqueous solution. 

Hydrogen Hg reacts more slowly than water as a reductant: if it is 
desired to oxidize it, water is immediately oxidized. 

SO42-, CIO4", H3PO4, etc., cannot be reduced, andHg, F", etc., cannot 
be oxidized in aqueous solution. 

It emerges also that numerous substances are in false equilibrium in 
aqueous solution. Most non-metallic derivatives belong to this group. 
Thus CIO3-, ClOa", CL should disproportionate, but the reaction is in- 
finitely or at least very slow\ The majority of organic compounds belong 
to this class also. 


Factors affecting the speed of reaction (or the over- potential) 

(1) Raising the temperature diminishes the over-potential. 

The redox potential changes when the temperature changes but the 
over-potential decreases when the temperature increases. Thus cone, 
sulphuric acid becomes oxidizing when hot. ION perchloric acid oxidizes 
at its b.p. (200° C.). 

(2) The over-potential may depend on pH. — ^Thus the majority of 
oxidants containing oxygen atoms have a low over-potential in very acid 
solution. The over-potential increases and sometimes becomes quite 
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large when the pH increases. This is the ease with NOg-, CIO3-, BrOg- 
10 3-, H3ASO4, etc. 

(3) There are some rules relative to the constitution of substances. 

Systems involving a simple exchange of electrons in general do not 
have over-potentials: 

Fe3+ + e - Fe2+; Fe(CN)63- -f e ^ Fe(CN)s^- 

When electron exchange requires a molecular rearrangement, the 
over-potential is in general important particularly when covalent bonds 
have to be broken: 

NO3- NOg- SO42- -> SOgS- 

For a given element, in general the over-potential is the greater, the 
higher the oxidation number. 

Examples, — (1) Acids derived from chlorine: H3q>ochIorous acid, 
HC10(C1{I) ), reacts without a large over-potential both in acid and 
alkaline solution. 

) does not react except in very acid solution and its rate 
of reaction is then low. 

C104~(C1(VII) ) is not reduced in dilute solution even at high acidity. 
It is only in concentrated acid solution and in the hot that there is any 
considerable reduction. However, very powerful reduetants such as 
Zn, reduce it very slowly in very acid solution. 

(2) Nitric acid is not in general reduced except in very acid solution 
or in the presence of extremely energetic reduetants. 

Nitrous acid reacts as an oxidant much more rapidly, although its 
equilibrium potential is lower. 

CATALYSIS 

Some slow reactions can be accelerated by the presence of small 
quantities of a suitable redox system. 

Example . — In acid solution, arsenious acid reacts slowly with some 
very powerful oxidants like ceric salts and permanganates: 

As(III) -f 2Ce(IV) 2Ce(III) -h As(V) (slow) . . (I) 

In the presence of a little iodine the reaction becomes rapid. We then 
have the sequence of rapid reactions: 

2Ce{IV) + I2 — > 2Ce(III) -f 2F(I) (fast) . . (11) 

2P(I) + As(III) -> As(IV) J- I2 _ „ . . (Ill) 

2Ce(IV) T As(lil) — > ~2Ce(III) -f As( V) 
in the presence of iodine. 

The oxidation and reduction potentials corresponding to these proper- 
ties are set out below: 

1“ As(III) Ce(III) 


As(V) /As(III) PI(I) Ce(IV)/ Ce(III) 

0*5 volt 1-0 volt 1*4 volts 

As(V) Ce(IV) 1^) 


—oxidation 

— redox 

—reduction 

potentials 
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The conditions under which catalysis occurs are thus the following: 

(1) The odixation-reduction potential of the catalyst system must lie 
between those of the two reacting systems. 

(2) The catalyst system reacts very rapidly in both directions. 
Another example . — 

+ 2e ^ 2SO42- Eo = 2-05 volts 

is thus a very powerful oxidant: but in general it only reacts 
rapidly when the over-potential is pretty large, about 1 volt. However, 
it oxidizes Ag^ and the system Ag2‘^/Ag+ (1-98 volts) reacts very 
rapidly in both directions, thus facilitating numerous oxidations with 
persulpiiates, e.g. of Mn^+ to MnO^- and Ce-t® to 

Ag-+; Ag+ Eq = 1*98 volts 
Ce^+ Ce3^ Eo - 1-45 „ 

and we have 

4- 2Ag"^ — >■ 2S04“~ + 2Ag-+ fairly fast 

2Ag^t- 4_ 2Ce^'t — >■ 2Ag+ 4- 2Ce‘*+ fast 

^2^8““ 2Ce®+ — >-2804^- 4- 2Ce^‘^ fairly fast in presence of Ag+ 

The reactions are carried out hot in order to increase their rate. With- 
out a catalyst they practically do not occur. 


Examples of catalysts 

It folio w’s from what has been said above that a given catalyst system 
has a more general applicability according as its oxidation potential is 
smaller in relation to the corresponding reduction potential. 


Catalyst system 

Ag(II)/Ag(I) 1-98 volts at — 0 . 




Re(VH);Re(V) 


Os(VHI)/Os . . . 

Mo(VI)/Mo(V) , . 

Ni02/Nig03/Ni304l 
C0O2/C02O3 J 

Hg(II)/Hg . . . 

Finely divided Pt/Pt(II)l 
„ “ ,, Pd/Pd(II)J 


Reactions catalysed 

S^Og^- 4- Mn{II) 
SoOg^- 4. Cr(III), etc. 
As(V) 4- SO. 

As(III) 4- Mn04- 
As(Iir) -f Ce(IV) 
CIO4- 4- Sn(II) 

CIO4- 4- Sn(n) 

As(V) 4- SO2 
NO3” 4- Sn(II) 

SO42- 4- Sn(II) 

ClOg- 4- Fe(II) 
As(III) 4- Mn04- 

NO3"- 4- Fe(II) 

OH- 4- CIO- 
H3PO2 4- H+ 

Very many reactions 
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ION EXCHANGE REACTIONS 

Reactions involving the exchange of protons and even ions are 
generally fast in homogenous media. 

However, certain stable complexes can be formed very slowly, for 
example ferrous o-phenanthroline, the eobalticyanide ion, etc. 

HYDRATION-CONDENSED IONS 

Hydration and dehydration reactions involving condensed ions are 
frequently slow. 

( 1 ) Take the case of the acids derived from P(V); H 3 PO 4 , ortho- 
phosphoric acid, and H 4 P 2 O 7 , pyrophosphoric acid. We have the equili- 
brium: 

H4P2O, -f H.O^HsPO^ 

Theoretically the equilibrium is practically completely displaced to 
the right: H 4 P 2 O 7 should not exist in solution. However, it can be pre- 
pared in the dry^ way, under which condition it is stable. When it is then 
introduced into aqueous solution, it only hydrates to the ortho acid 
extremely slowly. The above equilibrium, whose attainment w’ould in- 
volve the more or less complete disappearance of the pyro acid, is only 
realized after a long time of boiling and in acid solution. 

( 2 ) In a solution of a vanadate, at pH 7-9, the colourless H 2 V 04 “' ion 
predominates: addition of acid causes the formation of the orange 
H3V0O,": 

2H2VO4- + H+ H3V2O7- -f HgO 

The reverse reaction is extremely slow, so that when caustic soda is 
added to the orange solution, it remains orange. Decoloration can only be 
produced by prolonged heating. 

( 3 ) Numerous condensed ions are formed, especially by the elements 
of the fifth and sixth groups of the periodic table. The non-metals S, P, B, 
Si, also yield condensed ions. The chemistry of these elements is compli- 
cated by the instability of many of these bodies. 

PRECIPITATION REACTIONS 

We have seen (p. 67) that precipitation and the properties of pre- 
cipitates depend upon time, and the equilibria are sometimes attained 
only slowly, sometimes indeed infinitely slowly. It is for this reason that 
we were led to define several apparent solubility products for the same 
substance. 

As a result, in the course of the ageing of a precipitate, its redox 
properties, the properties of its complexes, and the pH can change. 

Inversely, the dissolution of precipitates by redox, by adjustment of 
the pH and by the formation of complexes depends on the degree of 
ageing of the solids concerned. 

In addition, the redissolution of precipitates can be slow, sometimes 
very slow. 

Induced precipitation. — See page 73. 
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EXTRACTION 

The establishment of equilibrium between two phases sometimes 
takes a very long time to attain. Sometimes the exchange is rapid in one 
direction, and slow in the other. 

Thus at pH 2, aluminium oxinate dissolved in chloroform only passes 
very slowly into water. At pH — 0, the equilibrium, which is then much 
more displaced, is attained rapidly. 

General note . — In every case parameters similar to overvoltage can be 
defined, and similar arguments can be applied as to redox reactions, 
including cases of catalysis. 



CHAPTER XVHI 


INDICATORS AND REAGENTS 

I. INDICATORS 

INDICxATORS are systems which reveal changes in their state by very 
easily apprehended changes in their properties, such as colour. These 
changes in the state of an indicator can be brought about by changes in 
the concentrations of ions in the solution in which they are present. They 
can therefore be used to determine these concentrations. 

An indicator consists of a donor-acceptor system: 

Acceptors -r ^ DonoFa (I) 

The acceptor and the donor have different colours. The colour of the 
solution is thus characteristic of the ratio of the concentrations of the two 
coloured forms j Acceptor 2 \/\ Donor 2 |. 

By exchanging the particle involved with another system, equilibria 
such as 

Donori + Acceptors ^ Acceptor^ -f Donors . . (II) 

are set up, for which 

1 AcceptOTj.j Donors! _ j. 

I Donor^ | . | Acceptors 1 * • • • I / 

The colour of the indicator system must be sufficiently strong that 
only a trace of it is necessary to give an easily detected coloration. Thus 
a very small quantity of indicator is added to a system of Aceeptori- 
DonoTj, and an equilibrium such as (II) is realized without the concentra- 
tions of the Acceptor^ and Donor^ being affected. The colour of the solu- 
tion is thus characteristic of the ratio [ x^cceptorj | /| DonoTi j according 
to (III). 

Notes. — ( 1 ) Only one of the two forms of the indicator need be 
coloured. The coloration then depends on the total concentration of the 
indicator system (see pH indicators below). 

( 2 ) Instead of using changes of colour (coloured indicators) changes in 
fluorescence (fluorescence indicators) can be used, or the appearance or 
disappearance of a precipitate (turbidimetric indicators), this latter 
phenomenon being rendered more easily visible by adsorption of dyes 
(adsorption indicators), etc. 

(3) The indicator system can put several particles into operation. It 
will then be an indicator for several types of reaction (see later). 

jpH INDICATORS 

Acid-base indicators involve proton exchange. 

In aqueous solution, they are in equilibrium with the acid-base system 
H 3 O+ — HgO and we have 

Ia -]-H 20 ^H 30 + + Ib 
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calling tlie acid form and the basic form Ig. From this 
| Ib|.|H3Q-^| 

i IaMh^oi 

whence, using the common simplified form 

| IbMh+| 

|IaI 

Range of indicators. — If the activity of the ions increases, the 
value of i Ib ; will decrease and that of ! Ia | will increase. The addition of H 
ions causes the basic form to disappear and the acid form to appear: the 
colour changes and we have 

pia. = 2 )K + log |-14 (I) 

I 1 

It may be taken that the coloured acid form predominates w’hen 
I ^ I = 10 I Ib ] and the basic coloured form when | Ib I = Ifi 1 Ia |- The 
indicator changes completely from the basic to the acid colour when the 
ratio } Ia! ;'i Ib 1 changes from 1/ 10 to 10 or according to (I) w^hen the pH 
varies from pK — 1 to pK 4- 1 . 

A visible change from one colour to the other requires a certain pH 
interval, the magnitude of which is in general about 2 units. 

Single- colour indicators. — In certain indicator systems, only one 
of the two forms is coloured. We have, as before: 

-i- log j-^ 

I Ia I 

Let the coloured form be Ib and suppose that its colour becomes 
perceptible when its concentration attains the value c, and let a be the 
total concentration of the indicator added to the solution. The pH at 
which the colour appears will be given by 

c 

pH = pK 4- log 

a — c 

The pH at which the colour appears depends upon fx, and thus on the 
quantity of indicator used. 

The dyes which are used as indicators are in general only very slightly 
soluble in water. A pH for colour change in saturated solution can thus be 
defined for single-coloured indicators. Thus, phenolphthalein in saturated 
solution gives a pale pink colour above pH 8. In a solution ten times more 
dilute, the pink colour appears at pH 9*0. With certain more soluble 
indicators, the concentration must be taken into consideration. 

Note. — In the presence of salts, activities and not concentrations 
ought to be used in the equations. The pH of colour change can then 
become quite different. 

Other acid- base indicators. — Other types of acid -base indicators 
can be used: 

Fluorescence indicators for use in ultraviolet light: they are occasion- 
ally useful for the determination of pH in coloured solutions. 

TurMdimitric indicators: the acid or basic form precipitates. 
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Adsorption indicators: the precipitation is made more e\ident by the 
adsorption of a dye, which causes the colour to change. 

Other types of |>H indicators.— We can in principle use all the 
types of reaction involving exchanges of protons: exchanges of ions and 
protons, that is to say coloured complexes which are destroyed by changes 
of pH; exchanges of electrons and protons, that is to say redox systems 
which are reduced or oxidized as a result of pH changes. 

Principle of the determination of pK of a solution in qualita- 
tive analysis. — We shall see in quantitative analysis the methods which 
the chemist has at his disposal for the determination of the pH of a 
solution. 

In qualitative analysis it is usually sufficient to use 'test papers’ whose 
colour, when a little more precision is required, can be compared with that 
of some standard tints. 

pH is also determined by means of coloured indicators. The colour can 
be compared with a scale of comparison colours for known pH’s, i.e. a 
chart w'hich show’s the colour the system w’ould have at known pH's. This 
is often printed on the cover of the book of test papers. 

Test books of universal indicator paper are available, these ‘universal’ 
indicators consisting of a mixture of indicators w’Mch permit the deter- 
mination of the pH to within 1-2 units in a single test. 

The use of comparison colour scales permits the determination of the 
pH of a solution with test papers to within OT-0-2 unit in the most 
favourable cases. It should be borne in mind, however, that the informa- 
tion given by pH indicators, which are sufficient for qualitative analysis, 
are subject to numerous sources of error; the effect of the concentration of 
the indicator, the temperature, the concentration of salts, etc. 


Common pH indicators 


Colour 


Usual name 

i Concentration 

C,f 

1 ^0 

1 Add 

Alkali 

pH 

Thymol blue 

0*001 ale. 

' red 

yellow’ 

1 *2-2*8 

Methyl yellow . 


' 9, 

99 

2*9-4*0 

Methyl orange . 

. 1 0*001 w’ater 

I 

yellow’-oraiige 

3*1— 4*4? 

Bromophenol blue . 


yellow 

blue 

3*0-4*0 

Bromocresol green . 

. 1 ,, ale. 

i 9, 

red 


3*8-5*4 

Methyl red . 

. 1 0*002 „ 

yellow 

4*2-6*2 

Chlorophenol red 

0*001 „ 

1 yellow 

red 

4*8-6*4 

Bromophenol red . 

• i ?» s> 

1 

< 

5*2-6*8 

Bromothymol blue . 

• ! 91 »» 

' ,, 

; blue 

6*0-7*0 

Phenol red . 

• 99 99 

! - 

’ red 

. 6*4-8*0 

Neutral red . 

• 1 99 J9 

[ red 

1 yellow'-brown 

; 6*8-8*0 

Cresol red 

• 99 99 

yellow’ 

! red 

7*2-8*8 

a-naphtholphthalein 

. ! „ 

1 pink 

i green 


Thymol blue . . 

• 99 99 

I yellow’ 

j blue 

8*0-9'6 

Phenolphthaleiii 

■ 1 99 99 

colourless 

, red 

^ 8*O-9*0 

Thymol blue 

• i 99 99 

1 »» 

; blue 

; 9*3-10*5 

Nile blue . . 

. J 0*001 water 

1 blue 

j red 

: 10-1-11*1 
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REDOX POTENTIAL INDICATORS 

Redox indicators are systems which exchange electrons. Their colour 
changes with the redox potential of the solution, that is to say the 
oxidized and reduced forms of the indicator have different colours. 

Range of (redox) indicators , — Let I^ be the oxidized and I^. the reduced 
form of the indicators. We have, in the most simple case: 

0*06 , 1 lo I 

-f ne ^ Ir with E = Ko i prj 

n [ 1 ,. 1 

The same deductions and calculations as for pH indicators can be 
made here. The majority of redox indicators can be considered as being 
single-coloured. The colour of the indicator becomes perceptible above a 
certain concentration c of the coloured form, and this limits the sensitivity 
of the indicator. Assuming that the coloured form is the oxidized one, wre 
have, calling the total concentration indicator a: 

0*06 , c 

E change = E^, -i log 

^ 71 a — c 

The change potential of the indicator thus depends upon the total 
concentration of the indicator a, but as this concentration is alw^ays 
fixed at a given value the potential of the change point is more or less 
constant (at least within the reliability of visual observation). In general, 
the potential of the change point is fixed to within 0-03 volt. 

Influence of pH. — It is knowm that for numerous systems, the redox 
potential depends upon the pH, in particular when the redox system 
involves H ions. It is necessary therefore to define the change potential 
for each pH (fig. 32). 


Principal redox indicators in acid solution 



Concentra- 
tion of 

No. of 

Colour 


Name 

drops/ 



E at 

100 ml 



pH = 1 


reagent 

soln. 

Reduced 

Oxidized 

Ferrous o-phen- 

0025M 

2 

red 

pale blue 

1-10 

anthroline 





Sodium N-phenyl- 


2 

colourless 

purple 

I’OO 

antliranilate 






Starch iodide paste 

1% paste 

5 ml paste 

blue 

colourless 

0-90 

with 

3-4 drops 





O-OIM-KI 

of KI 




Barium diphenyl- 

0*05% 

4—5 1 

colourless 

purple 

0-83 

amine sulphonate 






Starch iodide paste 

See above 

See above 

jj 

j blue 

0-60 





0-65 

Organic dyes 





0-10-0-50 

(methylene blue, 
indigo carmine, 


1 




etc.) 

i 

I 
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Other types of redox indicators. — There are in principle fluorescence 
and turbidimetric redox indicators. 

Coloured complexes destroyed by oxidation or reduction can also be 
used. 



FIG. 32 


INDICATORS OF THE CONCENTRATIONS OF IONS 

These are systems which involve exchanges of ions. The change of 
these indicators is caused by changes of the concentrations of the Ions 
in question. 

CNS~ is an indicator of the concentration of Fe^^ ions. — If a given con- 
centration of CNS“ is added to a solution containing Fe®+, the red colora- 
tion of FeCNS^+ will be visible above a certain concentration of Fe®-^. 


Fe3+ + CNS-^FeCNS2+ 

colourless red 

Similar lines of thought apply to these indicators as to pH and redox 
indicators. We have 


CNS-|.| Fe®+ 
I FeCNS“+ 1 


= K whence I Fe®+ I = K. 


FeCNS*+ ! 


• pFe®+ = pK + log j 


FeCNS=‘+ I 
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Suppose that the red colour appears when j FeCNS^-^ | = c. Let a 
be the total concentration of CNS~ added. We have 

a — c 

pFe-^ ™ piv -r log — — - 

The indicator is single-coloured. The appearance of the colour will 
depend on the total quantity of the indicator CNS™. For a given a, 
is fixed. 

There are indicators of various types: fluorescence, turbidimetric, 
complex, redox. pH. etc. 

II. REAGENTS 

An indicator of the concentration of an ion is a reagent for that ion. 
Butj whereas the function of the indicator is to determine the concentra- 
tion of the ion, that of the reagent is only to detect it. The conditions of 
use of indicators and reagents are therefore different. 

CONCENTRATION LIMIT OF REAGENTS.—The concentra- 
tion limit is the concentration below w’hich the ion sought for can no 
longer be detected. It is expressed in g.-ion/litre. It is in general 10”®, 
lO”**, or 10“ It is often reported in terms of thousandths of a milligram 
‘y’ per millilitre of solution. This is the same thing as the number of parts 
per million, or p.p.m. 

It is said that a reagent is sensitive wdien the concentration limit is 
small, in other words that the reagent is the more sensitive, the lower the 
concentration of an ion that it can detect. 

Examples , — Ferric ions can be detected by thiocyanate ions, with 
which they give a red coloration. Concentration limit: 4*10”^. The colora- 
tion can be concentrated into a small volume by extraction with, ether. 
Limit of sensitivity 10“® g.-ion Fe®'^ per litre. 

The permanganate ion has a very intense red- violet colour. Concentra- 
tion limit: 10“® g.-ion /litre. 

Detection of Ca®+ by precipitation of CaC 204 : 10~® g.-ion/litre. 

Detection of Mg^+ as MgNH 4 P 04 : 10~® g.-ion/litre. 

It is important to have some idea of the sensiti\dty of different 
reagents in order to know if traces or considerable quantities of an ion 
are present. The concentration limit of reagents is in general higher than 
or equal to 10~^ g.-ion/litre. MTien it is lower, it is a good idea to dilute 
the solution before test. This precaution avoids the confusion of traces 
with large quantities. On the other hand, if the sensiti\ity is not so high, 
the solution must be concentrated to avoid missing small quantities of the 
element sought. In this way a better idea of the concentration of different 
Ions in the solution can be gained. 

SPECIFICITY. — A reagent is ‘specific’ for an ion if it does not give 
the reaction with any other ion. If it reacts with only a small number of 
ions, it is said to be ‘selective’. 

DIFFERENT TYPES OF REAGENTS 

(1) Coloured complexes. — ^This is the most frequent case. 

We know that in order to increase the stability of the complex, and 
thus the sensitivity of the reaction, certain precautions must be taken: 
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adjust the pH to the region where the complex is as stable as possible 
and increase the concentration of the complex-forming ion. 

In the case of perfect complexes, excess of reagent and variations of 
pH are without influence. 

Examjjle, — Detection of ferric ions. — CNS"" ions give a red coloration 
with ferric ions, because of the formation of the complex FeCXS^^. It 
thus detects Fe®-^. 

The sensiti\dty of the reaction is greater the larger the CNS“ concen- 
tration. In practice, to a drop of the solution being examined a drop of 
saturated thiocyanate (usually ammonium) is added. 

Influence of pH. — HCNS is a strong acid, so that variation of pH, has 
no influence. Fe(OH)3 is of low solubility and its formation causes the 
complex to be destroyed. The reaction is therefore carried out in strongly 
acid solution. 

Interfering ions. — (a) Formation of complexes. — Those ions, such as F'^, 
which form complexes with Fe^"^, diminish the sensitivity or inhibit the 
reaction by decreasing the free | Fe®"^ ]. Those w’hich form complexes with 
CNS~, for example Hg^-^, diminish the sensitivity of the reaction: it is 
useful therefore to have an excess of reagent. Those which also form 
coloured complexes, such as Cu^-^, interfere. 

{b) Redox. — Ions which oxidize CNS~, for example HXOa, make it 
necessary to use excess of the reagent. Here w^e get coloured oxidation 
products which always interfere. 

(c) Precipitation. — Ions which precipitate Fe®"^ interfere with or in- 
hibit the reaction. Those which precipitate CXS~ require the use of excess 
of reagent. 

Non^aqueous solvents. — The addition of alcohol or acetone decreases 
the ionization of the complex, and the reaction becomes more sensitive. 

Extraction. — Red Fe( 0X8)3 can be extracted and, as a result, it can be 
concentrated in a small volume or separated from interfering colours by 
means of alcohols or ether. The sensitivity is increased. 

(2) pH indicators. — A large number of reactions involve protons. 
Variation of pH is shown up by indicators. 

Example. — The reaction 

S2O32- 4 - Hg^+ -b Hfi HgS -f SO42- 4- 2 H+ 

liberates H+ ions. As all the other ions present are neutral, the liberation 
of H"^ ions decreases the pH. Thiosulphates can thus be detected by 
means of their reaction with Hg2+ (mercuric chloride) with the help of 
a pH indicator. 

Interfering substances. — Those w’hich can take part in a reaction in- 
volving the exchange of H+ ions, and in particular, bases such as COg^”: 
also those which form complexes or precipitate, oxidize or reduce the 
interacting ions. The arguments are the same as before. 

(8) Redox indicators. — Redox indicators can be used as reagents 
for ions in different ways: 

(a) Those which change in strongly oxidizing or strongly reducing 
solutions are very selective. 

Example. — Ferrous o-phenanthroHne, which turns from red to paie 
blue at 1*1 volts, can only change in the presence of very energetic 
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oxidants such as Mn 04 ”, ^ etc. Hence these ions can be detected 

with it. 

(5) In particular cases, a redox indicator can become specific for an 
ion. 

(c) In the mixture of Sn-^ -r Sb^+, reduction of ferric dimethyl- 
glyoxime, with a colour change to red, permits the detection of Sn^*^. 

Notes. — A large number of reagents can be considered as redox indica- 
tors: cacotheline, phosphomolybdic acid, etc. This classification is based 
entirely on their change potential. 

Certain redox indicators are extremely sensitive. 

The same remarks can be made here about the influence of pH. and of 
interfering ions, as were made above (p. 121). 

(4) Precipitates. — The formation of precipitates can be used in order 
to characterize ions. The reaction is more sensitive when the precipitation 
is more complete, and when the precipitate is coloured. We know that for 
this it is necessary to increase the concentration of the precipitating ion. 
Care must be taken to allow its particles to grow in order to reduce their 
solubility. The precipitates are affected by pH when they are salts of 
weak acids or weak bases. Their formation can be inhibited by the forma- 
tion of complexes. 

In general, precipitation reagents are less sensitive than coloration 
reagents. 

Example . — Detection of potassium by sodium cobaltinitrite. — If a 
precipitate is appreciably soluble (as is potassium cobaltinitrite) care 
must be taken that its crystals are allowed to form slowly. Sometimes it 
is necessary to w^arm the solution. The precipitation can be speeded up 
by rubbing the sides of the test-tube with a stirrer: in this w^ay \ibrations 
are caused which promote the formation of crystal nuclei. 

Interfering ions. Influence of pH {see p. 90) 

(5) Adsorption reagents. — ^The formation of a precipitate can be 
rendered more sensitive and more specific by the adsorption of a dye, 
which thus changes the colour of the precipitate. 

Take for example some of the mixture: magnesium salt~thiazole 
yello-w. The solution is coloured yellow by the dye. In alkaline solution, 
magnesium hj^droxide precipitates and adsorbs the dye, taking on a pink 
tint. These phenomena of adsorption by the precipitate are frequently 
utilized (detection of aluminium, beryllium, etc.). 

The reaction can be made more sensitive by taking certain pre- 
cautions. Thus, when looking for magnesium with thiazole yellow, the 
colour change is sharper if the quantity of dye is such that it can be com- 
pletely adsorbed by the precipitate. The yellow' colour of the solution then 
disappears completely. 

The amount of material adsorbed can be increased by the formation 
of colloids having very fine particles. There is then no flocculation and 
it is the solution itself which appears to change colour and not just the 
precipitate which becomes coloured. These conditions are realized, for 
example, in the detection of when precipitating it as the hydroxide 
in acetate buffer. Put as much dye (aluminon, for example) into the 
solution as can be tolerated without giving it more than a faint colour 
(but so also that the amount adsorbed can be as large as possible). 
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(6) Fluorescent reagents. — Certain substances emit visible light 
when exposed to ultra-violet light. Such types are to be found within the 
classes of redox, adsorption, complex-forming and precipitating indicators. 

Example, — Detection of sodium , — Zinc and uranyl acetates are not 
fluorescent, i.e. they are colourless in U.V. light. Addition of Na^ ions 
causes the triple acetate of zinc, uranyl, and sodium to be formed, a 
slightly soluble compound, which gives a yellow-green fluorescence more 
perceptible than the mere formation of a precipitate. 

AP+ can be detected in the presence of Be“+ in U.V. light (p. 158). 

(7) Catalytic methods. — The catal^dic properties of certain ions can 
be used to detect them. 

Example, — Ag+ increases the rate of oxidation by persiilphates. 
Ferrous-o-phenanthroline is oxidized immediately, turning from red to 
pale blue. 

Use of organic reagents. — The use of organic reagents has enabled 
some important advances to be made in the technique of analysis. 

In general, the complexes obtained can be much more stable, and the 
precipitates much less soluble, than purely inorganic ones. The sensitivity 
of the colorations is frequently very large. 

With certain organic reagents a coloration or precipitate specific to 
some particular ion is sometimes obtained. 

In addition, compounds of inorganic ions wnth organic reagents can 
frequently be extracted by organic solvents w’hich are immiscible with 
water. 

Inner complexes.— {!) The properties of organic reagents vis-a-vis 
inorganic ones can frequently be explained by the formation of co- 
ordinate bonds with concomitant cyclization (inner complexes'). 

Example , — Oxine gives compounds with inorganic ions. 

O— M 



The most important groups which display this facility for forming co- 
ordinate bonds by the donation of an electron pair are: =:=:N, zi=:0, =8. 

2 hydroxyl groups in a benzenoid or other ring, in the ortho position 
to one another, permit the formation of a five-membered ring. 

1 OH and 1 COgH, ortho to one another, can produce a six-membered 
ring. 

1 OH and 1 ( — N=:N — ) group, ortho to one another, can produce a 
six-membered ring. 
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The interaction between atoms, represented formally by a co-ordinate 
bond, is in general sufficiently weak that all the deductions we have made 
about salts are applicable to inner complexes. 

(2) When inner complexes are formed between organic reagents and 
inorganic ions, the colour generally changes from yellow to red, then to 
blue or green, and finally to black. 



CHAPTER XIX 


SOME REMARKS ON THE RELATIONS BETWEEN 
THE PROPERTIES OF IONS IN SOLUTION AND 
THEIR ELECTRONIC STRUCTURE 

UP till now we have tried to predict reactions mainly from experimentally 
determined data about various systems (acid-base, redox, etc.), as ex- 
pressed in such constants as the redox potentials and the equilibrium 
constants. From these constants it is possible, at any rate in theory, to 
predict ail possible equilibria in the systems. But to complete the picture, 
it is necessary, in certain cases, to make some reservations about the rates 
at W’hich these equilibria are attained. 

In all this we have made no reference to any mechanism or to struc- 
tures. To what extent can the study of the structure of a compound 
enable one to predict phenomena, in particular the existence of various 
chemical species in solution and the possible reactions which they may 
undergo? It must be recognized that so far structural theory has pro- 
vided few useful results. 

Without going into considerations of structures (see the bibliography, 
p. 131) we have brought together here some rules wliich enable one to 
predict qualitatively certain properties. 


(1) VARIATION OF PROPERTIES INSIDE THE PERIODIC 
CLASSIFICATION 

The properties of the elements and their compoimds vary fairly 
regularly within the periodic classification, both for the elements of the 
"’O’ columns, and for those of the ‘6’ columns, as shown below. 
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h COLUMNS 
> 



I 

II 

III 

IV 


VI 

\TI 

^ 1 




C 

N 

o 

F 

2 




Si 

P 

s 


! 3 

Cii 

Zii 

Ga 

Ge 

As 

Se 

Br 

4 

Ag 

Cd 

In 

Sn 

Sb 

Te 

I 

i 5 

Au 

Her 

TI 

Pb 

Bi 

Po 

At 


Influence of radius and charge of an ion on its acid- basic 
properties. — In a polar solvent like water the ions are solvated. Consider 
two cations and CF which are both to be found on the second row of 
the classification. As a result of the charge carried by CP-i" the ionic radius 
is smaller and so the attraction for water molecules is larger. This attrac- 
tion is also reinforced by increase of the charge; the deformation of a polar 
molecule of w’ater will be greater, will be separated more easily. In 
effect the acid (CT+jwHgO) is stronger. It can be said that CF^ binds 0-“ 
more firmly and that the bond betw’een them is less electro valent; as a 
result the bond between 0-~ and H-^ is weaker and more electrovalent. 
It is thus in large measure the radius and charge of the ion which deter- 
mines certain of its properties. In both sub-groups of the classification the 
ionic radius decreases from the bottom to the top and from left to right 
and the charges increase from left to right. 

Precipitation of hydroxides. — If the hydroxide is of low solubility 
the acid strength of the cation will be apparently reinforced and the acid 
strength of the hydroxide will be apparently decreased by this fact. The 
hydroxides are in general less soluble as their molecular weight increases, 
in particular from the top to the bottom of the classification. This in- 
fluence in effect rims counter to the preceding one in the columns of the 
periodic classification. In spite of this some approximate rules can be 
formulated and are given later on. 

The hydroxides of elements towards the top and to the right of the 
classification have an appreciable solubility. They are dealt with separ- 
ately in the classification above. 

We are concerned here ivith the existence of molecules in solution. 
Thus Ca(OH)^ is of low solubilitv in sufficiently alkaline solution, such as 
NaOH. 

The strength of the acid-base pair and the periodic classifica- 
tion. — The strength of the acid-base pair is a fundamental property 
which determines the region of existence of ions. This property varies 
regularly with the place of the elements in the periodic table. The inexact- 
ness of many of the values prevents us from gi'vdng a complete table. 

Elements of the a columns 

(1) Along a given row of the classification the cations increase in 
acidity from left to right. The basicity of the hydroxides thus decreases, 
and their acid strength almost always also increases in the same direction. 
The corresponding anions decrease in basicity in the same direction. 
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The j>K value varies from + x- to — oc from left to right. 

For a given column the same rule applies frequently, from the bottom 
to the top. 


More acid 

> 


Li'^' 

Be2^ 

Bs^ 


Na-^ 

Mg2- 

AP-^- 

Si^+ 

K+ 

Ca2+ 





Note . — ^Two compounds located respectively to the right and below 
a given element can thus have similar properties. For example, Li+ and 
Mg2- are both more acid than Na+; Be(II) and Al(III), B(III) and Si(IV) 
are similar. 

Examples , — Starting mth aluminium, the domain of existence of its 
ions is shown schematically below: 

AP- A 1 ( 0 H )3 i, AIO 3 - 


pH 4 11 

With boron the cation and the hydroxide are more acid. 
B^t HBO2 BO2- 


The same happens with silicon which thus resembles boron. 

H^SiOa 4, HSiOg- SiOg®- 


Cations for these two elements do not exist since they are too acid; 
but the anions are more important than those of aluminium. 

In magnesium the properties are displaced in the reverse direction: 

Mg^+ Mg(OH), 4 


11 

The cation exists over a large range of pH while the anion does not. 

With sodium there is a further displacement in the same direction, so 
that onl\^ cations are present in the solution whatever the pH. 

Na+ NaOH 

As a result the hydroxides are very strong bases at the bottom and 
left-hand corner of the periodic classification; only cations are present in 
solution. On the other hand, in the right-hand top corner the hydroxides 
are strong acids, completely ionized, and only the anions such as MnO^"*, 
etc., are present. 

Elements of the b columns , — Same rules: 


Cu+ I Zn^+ , Gast- j Ge^+ ' As®+ ! Se®+ 
Ag+ : Cd*+ ; ' ' 

Au+ I Hg»+ : ; 
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Exceptions. — TP+ is more acid than Ga®+ and In^"^; Hg^+ than 
Cd^+ Au+ than Ag+. 


Negative oxidation states 


IV 

V 

C4- 


Si^~ 

p3- 

Ce^- 

As3- 

Sn^" 

Sb^- 


VI 

VII 

o=- 

F- 

S-- 

Cl~ 

Se^- 

Br- 

Te^- 

I- 

Po=- 





The ionic radius increases from to S-”, thus is less and less 
firmly bound, so that the corresponding acids are stronger and stronger. 
They increase in strength in the direction of the arrows. 

General properties 

(a) In the same column the elements of the fourth and fifth lines are 
in general very similar: Rb — Cs; Sr — Ba; Y — rare earths; Zr — Hf; 
Xb_„Ta; Mo—W; Tc— Re; Ru~Os; Rh— Ir; Pd~Pt. 

The elements of the sixth rows are in general fairly different. Above 
the fourth row the differences become more and more marked. Betw’een 
the first and second row the differences are large. 

The analogies between neighbouring elements in the same line are 
marked but much smaller. 

The same remarks as those above apply. The analogies are here par- 
ticularly strongly marked bet'ween Cu^ — Ag; Zn — Cd; Ga — In; Ge — Sn; 
As— Sb; Se— Te; Br— I. 

Note . — Analogous rules apply to the different oxidation states. Thus 
we are justified in comparing: 


i 11 -5- 

III+ 

IV + 

i 
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i c 

N i 
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Si 

P 

S 

Cl 

: Ge 

As 

Se 

Br ; 

1 Sn 

Sb 

Te 

I 1 

; Pb 
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Po 

At j 

i 


>■ 

More acid 


VARIATIONS OF PROPERTIES WITH STATE OF OXIDATION 

For a given element, as the degree of oxidation increases the ionic 
radius decreases. The charge increases and so the corresponding cations 
are more and more acid. 

Cations. — (1) When the state of oxidation increases the cation be- 
comes more and more acid, the corresponding hydroxide becomes less and 
less basic and the j?K decreases. 
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Example. — (a) Chlorine derivatives: 

More acid 

^ 

C1+ CP-^ CP+ CF+ 

HCIO HClOg HCIO3 HCIO 4 

< 

More basic 

(5) Cations derived from chromium: 

More acid 

> 

Cr^- Cr3+ Crs+ 

Cr(OH). : Cr(OH )3 ; H^CrO^ 

•< 

More basic 

( 2 ) It can also be said that the hydroxide itself frequently becomes 
more acid when its oxidation number increases. 

HCIO CIO - HClOo CIO." HCiOg CIO 3 ” HCIO 4 CiO^" 

j#K: T-G 4-0 strong very strong 

Nitric acid, HN 03 (N(V) ), is a strong acid. Nitrous acid 
HN 02 (N(III) ) is weak: pK = S-4. 

Sulphurous acid (S(IV) ) has the foIlo'vWng constants: jjkg == 1*8, 
pki = 5 * 3 , Sulphuric acid (S(VI) ) is strong in its first dissociation and 
fairly strong in its second: pk^ = 1-9. Persulphuric acid H 2 S 20 a(S(VII) ) 
is strong in both dissociations. The hydroxides, when they precipitate, 
reinforce the strength of the cation as an acid, which acts in the same direc- 
tion as the preceding influences (there are some exceptions: Cu^-t — Cu+), 
but the strength of the hydroxide as an acid is decreased, which acts in 
the opposite direction. 

However, the preceding rule can often be applied. 

We know that the more acid the cation the more narrow^ its range of 
existence. Increase of the state of oxidation, which increases the strength 
of the acid, reduces the region of existence of the cations to very acid 
solutions. In the higher state of oxidation, the anion in general exists, 
the corresponding hydroxide being a strong acid. 

Example . — The domain of existence of manganese ions 


Mn^-i- Mn(OH)2 4. 
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Stability of complexes. — Similar remarks can be made about com- 
plexes, although their application is very limited in \’iew of the com- 
plexity of the phenomena. 

Thus the complexes of Co^*^ are more stable than the corresponding 
ones of Co^"^, whenever precipitation, proton exchange, or redox do not 
interfere. The same can be said about complexes of Fe®+ compared mth 
those of Fe®+. 

The sulphide complexes of Sn^^ are more stable than those of Sn^-^, 

etc. 

The complex acids are in general stronger, the more stable the com- 
plex, and the complex acid is stronger than the simple acid corresponding: 
HsCFeCCXjg) and HCN, HaSiF^ and HF, etc. 

Rates of redox reactions. — See the rule, page 111 . 

Metals and non-metals. — These two classifications describe more a 
function than an assemblage of properties: an element can behave some- 
times as a metal and sometimes as a non-metal. The elements can be 
classified according to their properties and those of their ions, either as 
acids-bases, or as oxidants and reductants. The two classifications 
coincide in so far as these two kinds of properties are parallel. 

( 1 ) As acid-bases . — The name ‘metaP is frequently given to elements 
w^hich give cations more easily and the name ‘non-metaP to those ’which 
give anions. The metals are thus at the bottom and the left of the classi- 
fication and the non-metals at the top and the right. 

( 2 ) As ojcidants and reductants . — The name metal can also be applied 
to the elements which are easily oxidized and that of non-metal to those 
which are easily reduced. 

Metals. — All elements are capable of being oxidized in solution in 
water with the exception of fluorine. 

Na 4 , - Na+ P - c -f HO"-> HIO 

The more metallic elements are those which are more easy to oxidize. 
These are the alkalis and the alkaline earths. The less easily oxidized 
metals: gold, platinum, mercury, silver, are called ‘noble' metals. Hydro- 
gen is a metal in the reaction: 

Hg t - 2e->2H+ 

Non-metals. — These are the reducible elements: 

As .1, - Se -f 3H+— > ASH 3 t 

In the periodic classification they appear as follows: 


gs- 1 


02 - . . 

0-16 volt 

F- 

. 2*85 volts 

Si^- 

i ps- 

s®- . . 

- 0*50 „ 

Cl- 

. . . 1*41 „ 

i Ge^- 

As®- 

Se®- . . 

-- 0*77 „ 

Br~ 

. . . 1*09 „ 


i Sb^- 

Te®- . . 

- 0*9 „ 

1 I- 

. 0*62 volt 

, 

1 

P 02 - . . 

- 1-00 „ 




The easiest to reduce is fluorine, which has the most strongly marked 
non-metallic character. The majority of elements cannot be reduced in 
aqueous solution. They give ions which are too strongly reducing. Hydro- 
gen is a non-metal in the H” ion, an extremely strong reductant, not 
stable in water. The rare gases are neither metals nor non-metals. 
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Some elements are frequently both oxidizable and reducible: sulphur, 
selenium, tellurium, polonium, chlorine, bromine, iodine, arsenic, anti- 
mony, etc. 

Thus iodine is fairly noble as a metal. I®/I+ = 1*00 volt, and as a non- 
metal we have I°/I” = 0*60 volt. 

These elements can disproportionate and thus behave at one and the 
same time as metals and non-metals: 

4S 4 , + 60 H“ *->82032- + 2S2- + 3H2O 
CU + 0 H-->HC 10 4 - Cl- 
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PART II 


CHEMICAL PROPERTIES AND THE 
CHARACTERIZATION OF IONS 




INTRODUCTION 


THE properties of ions in aqueous solution are defined by a knowledge 
of the following parameters: 

( 1 ) The strength of aeid-base pairs. 

( 2 ) The list of compounds which are only slightly ionized (low 
solubility and complex) \vith their equilibrium constants: solubility 
products or stability constants; 

(3) The formal redox potentials of the redox systems as a function 
of pB.. 

This should be extended by information about the rates of these 
reactions and the catalysts which accelerate them. 

We shall strive to give these properties for ea(*h state of oxidation of 
each element. 


INSTRUCTIONS FOR THE USE OF THE TABLES 
AND CURVES 

( 1 ) Solubility curve for the hydroxide as a function of |>H. — ■ 
These curves were discussed in the chapter on precipitation. We should 
emphasize here once again that these curves, as well as the corresponding 
precipitation pH’s, are only first approximations to descriptions of the 
phenomena. Basic and condensed ions, the ageing of the precipitate, the 
influence of temperature, the formation of complexes, chloride or sulphate 
ones for example, can cause predictions to be modified. 

Example , — The solubility curve for aluminium hydroxide facilitates 
the prediction, in a more direct fashion than the solubility product, of the 
effect of different reagents on a solution of an aluminium salt. This was 
referred to on page 77. 

( 2 ) Tables of slightly ionized compounds and reagents. — These 
tables contain, in particular, all the important compounds which can 
affect the precipitation of the hydroxide. 

The values of the equihbrium constants which are given permit the 
prediction of reactions from simple calculations. 

Our actual knowledge about the formulae and the stabilities of the 
compounds in solution is unfortunately very limited. 

Conventions . — The tables give the negative logarithms (to base 10) of 
the constants. The ionic strength I and the temperature are shown 
wherever possible. 

Thus 

Ag(CH 3 COO) Ag+ + CH 3 COO- ... 0-7 

means that 

1 Ag^ IJ CH 3 COO- I _ 

I Ag(CH3COO) I 

The sign | indicates that the substance thus characterized is a solid 
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in presence of the solution: the activity corresponding to it is always taken 
equal to unity. Thus 

AgCHsCOO I ^ Ag+ + CH 3 COO- ... 2*7 
means that we have 

I Ag+ I .] CH 3 COO- 1 = 10-2*7 

The sign f indicates that the substance so characterized is a gas at 
atmospheric pressure in the presence of the solution, the activity corre- 
sponding to this is also always taken as unity. Thus 

CO 2 t + H 2 O = HCO 3 - + H+ . . . 7-8 
means that | HCO 3 - I - I H+ ] = 


If the pressure of CO 3 (the partial pressure for example) is different 
from that of the atmosphere, we then have 


Poo. 

where pgo. is the pressure of the CO 2 above the solution in atmospheres. 
COo + H.O^ HCO 3 - + H+ . . . 6*4 

means that 


HCO, 


H+l 


CO, 


10 - 


When there are several successive complexes, the partial equilibria 
are represented by pk^, pk 2 , pk 3 , etc., and the overall equilibria by 
pK. 2 , pKa, etc. Thus, for the argentoammine complexes: 


. 1 AgNH3+ 
pkj = 3-8 if ' “ * 


NH, 


pK^ = 7-0 if 


1 Ag(NH3),^ 
jVg+Mira, 

rAg(NH3)3+l 


= 10-3'S 


- = 10 - 


Priming of the k\s or K’s ( = k' or K') indicates that the constant given 
is a formal one valid only for the conditions given, for instance at a given 
ionic strength when concentrations are used instead of activities. 

Application. — Slightly io7iized compounds of silver . — (For a more com- 
plete table, see p. 243.) 


AgsSO, 1 ^ 2Ag+ + SO,2- . 

. . . . 4*2 

Ag2Cr04 1 ^ 2Ag+ + Cr04-- . 

. . . . 11*4 

AglOj 1 ^ Ag+ + IO 3 - . . 

. . . . 7*3 

Ag(NH 3 ) 3 +^Ag+ + 2 NH 3 . 

. . . . 7*0 

. AgCl ^ ^ Ag+ + Cl- . . 

. . . . 9*7 

AgBr Ag+ + Br- . 

. . . . 12*3 

Agl 1 ^ Ag+ +1- . . 

. . . . 16*0 

Ag(S 303 ) 3 »-^Ag+ + 8 S 3 O 32 - . 

. . . . 1-30 

Ag(CN) 2 -^ Ag+ + 2CN- . 

. . . . 20*9 

Ag^S 1 ^ 2Ag+ + S^- . . 

. . . . 50 


Notes. — ( 1 ) The relation given for Ag 2 S 04 means that 


1 Ag+|2.| SO 42 -I == 10-4*2 

Consequently, if the free [ SO 42 - | = 10”h then the free | Ag+ [ = 10 
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Use of the Tables and Curves 

The relation for Ag(NH 3 ) 2 '^ means that 
| Ag+|.|NH3|^ ^ 

I Ag(NH3),+ I 

For I Ag(NH 3 ) 2 + I = 10-2 and | NH^ | = lO-i, ] Ag+ ] = lO-^-" 

(2) Silver sulphide is the least soluble. The addition of an alkali 
sulphide to precipitates of other salts transforms them into the black 
sulphide. 

(3) ilmmonia dissolves many precipitates. Thus AglOg, Ag 2 Cr 04 , 
Ag 2 S 04 are soluble in O-lM-NHg. 

If the concentration of NHg is increased, and if an excess of the pre- 
cipitating ion is not added, AgCl dissolves, AgBr does so with difficulty, 
whilst Agl scarcely dissolves at all as a simple calculation shows (see 
p. 87). 

Thiosulphate and cyanide ions dissolve all the precipitates, except the 
sulphide. 

(4) The salts of weak acids are more soluble in acid solution; x'Vgl, 
AgBr, AgCl, Agio 3 , AgCNS, AgBrOg being salts of strong acids have 
only a small solubility in nitric acid; on the other hand, AggAsO^, 
Ag 3 P 04 , AggCOg, etc., dissolve in this acid. Ag^S has a much enhanced 
solubility in acid solution, but, in spite of this, very little dissolves on 
account of its low initial solubility (see p. 80). 

(5) The stabihty of the complexes is a function of the pH. Thus, the 
complex with NHg is destroyed in acid solution. The cyanide complex 
remains stable under these conditions, although CN“ is a fairly strong 
base, because the stability of the complex is so very high. 

(6) The oxidation potential decreases in going down the table. \Vhile 
it is easy to reduce silver sulphate (E — 0*72 volt) it is more difficult to 
reduce silver iodide (0*33 volt) or the cyanide complex. 

(7) When foreign ions are present, activities must be used (see p. 11). 

(8) Redox diagrams. — The apparent potential of redox systems as a 
function of pH is given, so that by superimposing the various graphs the 
oxidation reactions which occur in all these media can be predicted. 

In relation to these also, reservations must be made about the effects 
of temperature, the formation of complexes, precipitation, the fact that 
reactions may be extremely slow, and about the presence of catalysts. It 
will be remembered that for these reactions to be quantitative the differ- 
ence of potential between the two systems must be 0-1 5-0*35 volt. 

Wherever possible, we have given as an approximate indication the 
value of the oxidation or reduction potential, either for electrochemical, 
or for chemical, reaction (see p. 108). 



CHAPTER I 


ALKALI GROUP 

GENERAL CHARACTERISTICS 

THE alkali group includes the elements of group la of the periodic table: 
lithium, sodium, potassium, rubidium, and caesium. This is a fairly 
homogeneous group; K+, Rb+, Cs+ are very similar; 
Na+ is slightly different; Li+ marks the transition be- 
tween Na+ and Ca-+. The ammonium ion NH4+ is 
similar to K+. 

State of oxidation. — Only I+- 
Redox. — E = Eq 0-06 log | |. This Eq is of 

the order of — 2-7 to — 3 0 volts. The metals are ex- 
tremely strong reductants and reduce practically all 
compounds. In water, hydrogen ions are reduced, even 
in alkaline solution. 

2Na I + 2H+— > 2Na+ H^ f 

The salts cannot be reduced in solution, except by electrolysis. 

Hydroxides. — These are strong 
bases (apart from ammonia): KOH is 
slightly stronger than NaOH; in con- 
centrated solution, it is more strongly 
ionized. 

They are all very soluble. 

The cations are colourless. 

There are no anions. 

There are practically no complexes: 
KS04“, NaSO^- are very unstable, 
and NagOg, a complex with Og", is not 
very stable. 

The alkali ions are difficult to char- 
acterize because they do not form complexes, compounds of low solu- 
bility, or partake in redox reactions. 



ITY OF THE ALKALI HYDROX- 
IDES AS A FUNCTION OF _pH 


la 

Ila 

Li 

i 

Be 

Na 

Mg 

K 

Ca 

Rb 

Sr 

Cs 

Ba 

Fa 

Ra 


POTASSIUM 


K = 3910 


K+.~ 

"Solubility of less soluble compounds. 


KBrOg 

0‘4M 

K 3 [PtCl 3 ] . . . 

. . 0-016M 

KCIO 3 . 

0 - 6 M 

KIO 4 .... 

. . 003M 

K103 . 

0-4M 

Bitartrate . 

. . 004M 

KMn 04 

0-4M 

Picrate 

. . 002 M 

IvgSgOg 

0-2M 

Kg(SiFe) . . . 

. . 0006M 

KCIO 4 . 

OISM 

KgNaCCoCNOg)^] . 

. ~ O OOIM 


138 





Alkali Group 139 

Detection. — (1) Cobaltinitrite. — A concentrated solution of sodium 
cobaltinitrite produces a yellow precipitate of composition 

K2Na(Co(N02)6),H20 


Solution required 

Sodium cobaltinitrite 20 Jg 

Sodium acetate 20 g 

Acetic acid 20 ml 

Water 80 ml 


It is destroyed very slowly giving Co“+. 

Procedure , — In a mierocone place a drop of the solution under test and 
a drop of the reagent. Wait. The solution ought to be slightly acid, 
neutral, or slightly alkaline on account of the stability of the cobalti- 
nitrite complex. 

Concentration limit. — 5.10"^ g.-ion of K+ per litre, or 20 p.p.m. 
Interfering ions. — (1) If the acidity is too high, the compound is destroyed, 
because NOg" is a base, pK. = 3-2. If the acidity is too low, Co(OH)3 
precipitates. Hence the solution needs buffering with an acetate buffer. 

(2) Powerful oxidants destroy the compound by oxidation of 
NO 2“. Powerful reductants reduce Co®+ and NOg^". An excess of re- 
agent is therefore necessary. The reagent itself is destroyed slowly by 
reduction of the Co®+ by the NO 2“. It cannot be kept for more than 
a few weeks. 

(3) Ions which form complexes with Co®+, like CN“, make the 
addition of an excess of reagent necessary. 

(4) NH4+, Cs+, Rb+, give the same reaction. NH4+ can be elimin- 
ated by prior boiling of the solution with 4N caustic soda (three drops 
for one drop of solution). 

Small amounts of alkaline earths and of magnesium do not inter- 
fere. Potassium can be detected in the presence of about 1500 times as 
much sodium. 

Sb(III), Bi(III), Sn(IV) precipitate, as also does VO2+. 
They must be separated (see later on). Al®+, Cu^+, Co®+, Cr®+, Mn^^, 
Zn2+ Fe3+ Cd2+, Ti(IV), Mo(VI), W(VI), V(V), As(III) and As(V) 
do not interfere. Nor does H3PO4. 

(2) Other low- solubility compoxmds of potassium sometimes 
utilized in its detection, — Hexanitrodiphenylamine or dipicryl- 
amine. — The compound with K+ is soluble in the majority of alcohols, 
esters, and ethers. It can thus be extracted from aqueous solution. 

Potassium platinichloride, not very soluble in alcohol. NH4+, Cs^", 
Rb+, give the same reaction. 

(3) Visible spectrum, — Red lines at 766-770 mp. Violet line at 
404 m/jL. 

Flame colour. — Violet. 
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AMMONIUM 

NH4+. — The solubilities of its salts are close to those of K’^. 
Ammonia. — Ammonia is present in solution almost entirely as 
NH4OH. 

NH40H^NH3 + H2O ... 1-7 

and also NH4+ + H^O ^ NH4OH + H+ . . . 9*2 

Unlike the other ions of the alkali metals, which are neutral, NH4+ is 
slightly acid. 

Solubilities of salts 

NH4CIO4 ..... 2-OM (NH4)2(PtCl6) 0-01NH4+ per litre 

NH4IO4 0-13M (NH4)oNa[Co(N02)6] . O-OOIM 

Bitartrate 0-13M 

Complexes. — There are no known complexes with NH4+. There are 
a number of complexes with NH3 which are destroyed by acids and which 
are stabilized by ammonium salts. (See complexes with ammonia, p. 48.) 

Redox, — NH4+ is oxidized in acid solution by aqua regia, chlorine, 
bromine, etc., and in alkahne solution by hypochlorites, hypobromites, 
permanganate, and persulphate in the presence of Ag+ ions (see p. 294). 

Nitrates and nitrites are reduced in strongly alkaline solution by 
powerful reductants like zinc and aluminium, giving ammonia (p. 294), 
in acid solution by Cr^^, V-+, giving NH4+. 

Salts. — These are volatile below 1000° C., except those of the rela- 
tively non-volatile acids, such as phosphate, borate, and sulphate. 

Detection. — Liberation of ammonia. — Nessler reagent. — By 
heating in alkaline solution, ammonia is liberated and, in the presence of 
Nessler reagent, gives an orange colour or precipitate. 

Solutions required. — (a) 4N-NaOH. 

(b) Nessler reagent. 

Potassium iodide 3*3 g 

Mercuric chloride 1*3 g 

Water 70 ml 

Caustic soda (4N) 30 ml 

Procedure. — Into a test-tube place a drop of the solution under test and 
3 drops of 4N-NaOH. Bring a stirring rod wetted with the reagent 
near to the solution (fig. 92 (6), p. 326). Heat on a water bath. 
Concentration limit. — 5.10”^ g.-ion/litre, or 1 p.p.m. 

Interfering ions. — The reaction is specific 

Remarks about precipitation by caustic soda. — The addition of caustic 
soda in excess precipitates the following hydroxides: Bi(III) white, 
turning yellow when warmed; Cd(II) white; Ce(III) white, turning yellow 
in air; rare earths; Cr(III) green solution giving a grey precipitate on 
boiling; Co(II) blue, turning pink on heating; Cu(II) blue, turning black 
on heating; Fe(II) green, turning rust; Fe(III) rust; In(III) white; Mg(II) 
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white; Mn(n) white, going brown in air; Hg(II) yellow; Ni(II) green; 
Tl(III) rust; Th(IV) white; Ti(IV) white; Zr(IV) white. 

The precious metals give coloured precipitates. 

The white hydroxides of Be(II) and Sn(rV) can be precipitated by 
boiling. 

Phosphates and arsenates can precipitate. 

None of these precipitations is sensitive (10“® to 10“^ g. -ion /litre). 
Hence the absence of a precipitate only indicates the absence of consider- 
able quantities of these elements. 

SODIUM 
Na = 2a00 


Low- solubility compounds 

NaoSiFg 0-03M 

3UO.(CH3COo)o, Zn(CH3C02)o, Na(CH3CO.), GH.O . . . 0 02M 

NaSb03. 3 Ho6“ () 016M 


Detection. — Zinc uranyl acetate. — Zinc uranyl acetate gives in 
neutral or slightly acid solution a precipitate of the triple acetate of 
uranyl, zinc, and sodium, yellowish crystals. At the same time a precipi- 
tate of the double acetate of uranyl and sodium, tetrahedra, ha\ing the 
same colour, comes down. Examine under the microscope. 

With magnesium instead of zinc, a triple acetate similar to the preced- 
ing one is obtained, but its crystals are paler. 

Concentration limit, — 0-03 g.-ion of Na+ per litre or TOO p.p.m. 

The reaction can be performed on a microscope slide and the crystals 
obtained examined under a microscope. 10“^ ® g.-ion/litre can then be 
detected. 

The compound which is formed is fluorescent, in contrast to the re- 
agent itself which is only slightly fluorescent; hence the reaction can be 
carried out, or the results of it examined, in U.V. light. In this way the 
presence of 0*001 M-Na in solution can be detected with great certainty. 

Solution required 

Uranyl acetate 10 g 

Zinc acetate lOg 

Acetic acid ... 15 ml 

W’^ater 30 ml 

Procedure , — Take a strip of hard filter paper 3-1 j mm long and place a 
drop of solution on its end. Dry above a small flame. Place a drop of 
reagent on the same point, so as to wet a slightly larger surface.^ 
Observe in LT.Y. light the fluorescence which occurs %vhen sodium is 
present. 

Make a blank test. 

Concentration limit, — 10 -^ g.-ion/litre (depending on the source of U.V. 
light employed) = 20 p.p.m. 

Interfering substances. — (1) If the acidity is too high, the compound is 
soluble because CHgCOO- is a base. If the acidity of the solution is 
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too low, uranium precipitates (as a uranate). Hence the use of an 
acetate buffer. 

(2) Normal reduetants do not reduce U02^+. 

(3) Ions which produce complexes with UO32+ or Zn2+ do not 
interfere, if an excess of reagent is used. 

(4) Not many ions give precipitates like that of Na+. K+ gives a 
crystalline precipitate when its concentration exceeds 0-lM; the 
fluorescence of this precipitate is much weaker than that of the 
sodium compound. To effect a separation, the potassium is precipi- 
tated as perchlorate by addition of perchloric acid, and the precipi- 
tate is centrifuged out. Li+ interferes if its concentration is greater 
than 0-lM (slightly fluorescent). 

Ba2+ gives a slight turbidity when its concentration exceeds OTM, 
but no fluorescence. If it is desired to separate it, ammonium sulphate 
is added to the solution until the precipitation of barium sulphate Just 
ceases. This precipitate is then filtered off, and the solution concen- 
trated back to its initial volume. 

Ca2+ in high concentration gives a fluorescent precipitate, and so 
does Be^+. Zn^^ Ce3+ NH4+, AP+ Cr3+ Ni2+ C02+, 

Mn2+, Cu2+, Sn4+ As»+ T1+ Th^^, Zr^^, Sr2+ Mg2+, Cd^+, 

V5+ Ce^+, Hg2+, Pb2+ do not interfere. Ti(IV), Sb(III), Bi(III) 
precipitate. 

H3PO4 and H3ASO4 as well as Mo(VI) precipitate the uranium in 
the reagent. They can be separated by heating for 2-3 minutes on a 
water bath in the presence of ZnCOs. Centrifuge out the precipitate. 

The other ions which interfere can be separated by a preliminary 
treatment with phosphate. 

Detection of Na'^ and iC+ in the initial solution . — If they interfere, 
foreign ions must be separated. To do this, evaporate the solution to 
dryness on the water bath in the presence of cone. HCl, if this has not 
already been done. Redissolve in hot water. Separate. 

Add to the solution an excess of lead acetate. Warm. Separate. 
Add an excess of diammonium phosphate so as to bring its concen- 
tration in the solution up to 15 (wt.) per cent. Boil. Cool. Separate. 
Concentrate and divide into two parts. Treat as follows: 

(1) Detection of Na -^. — Heat to 100° and maintain at that tem- 
perature for 2-3 minutes in the presence of an excess of ZnCOg. 
Centrifuge. Then examine for Na+. 

(2) Detection of jHC+. — A dd an excess of NaOH and drive off any 
NH3 by boiling. Make the solution acid with acetic acid to detect 
The ions Cs+ and Rb+ interfere. 

If however it is desired to examine for the alkaline earths as well, 
it is simpler to use the solution prepared for the detection of these 
(see p. 161). 

Visible spectrum. — Yellow line 587-589 vafx too sensitive for use. 
Coloration of the flame is yellow, too sensitive. 
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CAESIUM 

Cs2(PtCl6) is less soluble than the potassium salt and its colour is 
yellower. The phosphomolybdate is less soluble than those of K+ or 
NH4+. 

Coloration of the flame is violet-rose. 

Spectrum: blue doublet 455-459 m^. 

RUBIDIUM 

Intermediate between K+ and Cs+. 

Flame colour pink-\dolet. Violet doublet at 420-428 m/n. 

These two elements are detected spectroscopically. 

LITHIUM 
Li = 6-94 

Lithium, although technically a member of the first group of the 
periodic table, resembles in many of its properties typical alkaline earths. 
The hydroxide is much weaker than the other alkali hydroxides: 

= 13*7. The nitrate is soluble in alcohol and ether, as is calcium 
nitrate. The chloride dissolves in boiling p^Tidine which permits the 
separation of lithium from the other alkali metals. The list of slightly 
ionized compounds shows analogies with the alkaline earths. 

Slightly soluble compounds 


LiaCaO^ 008M Li3P04 O-OOlM 

LigCba 0T7M Ferriperiodate . . . 0*0002M 

LiF O-IOM 


LigPO^ and LioCOg, which correspond to acids of which the last dis- 
sociation constants are very small, are soluble not only in acids, but also 
in solutions of ammonium salts. LiF and LiC204 are soluble in strong acid. 

Detection. — Ferriperiodate reagent. — The ferriperiodate complex 
gives a white precipitate of lithium ferriperiodate, LiKFelOg, in alkaline 
solution at 45-50°. 

Solution required, — Dissolve 1 g of KIO4 in 10 ml of 2N-KOH. Then 
dilute to 50 ml and add 3 ml of O-SM-FeCl^. Dilute to 100 ml with 
2N-KOH. 

Procedure. — ^Add 2 drops of reagent to 1 drop of solution. Heat to 50°. 
Make a blank test. 

Concentration limit. — 5 . 10~^ g.-ion of Li+ per litre or 40 p.p.m. 
Interfering substances. — NH4+, the alkaline earths, and the elements of 
the other groups all interfere. Hence Li+ must be sought after suitable 
prior separations, as follows. 1 drop of the solution containing the 
alkaline earths is brought to the boil with 2 drops of 4N-NaOH and 
1 drop of 30 per cent Na2S04. NHg must be driven off completely 
before adding the sulphate. Centrifuge off the sulphates and the 
Mg(OH)2, then carry out the test with the ferriperiodate complex. 

Visible spectrum. — Red fine at 671 m/^. 

Flame coloration. — Deep red, specific in the absence of Sr. 
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ALKALINE EARTH GROUP 

GENERAL CHARACTERISTICS 

COLUMN Ila of the periodic classification contains the following 
elements: 

The acidity of the cations increases from 
the bottom to the top. Be 2 + is an acid; it has 
a tendency to give Be(OH )2 which precipitates 
at pH 5 and above. In alkaline solution anions 
containing beryllium are formed. Mg^"^ is less 
acid, Mg(OH )2 precipitates at pH 10*6 and 
gives no anions. Ca^+, Sr®+ and Ba’^+ are no 
longer acid; they correspond to fairly strong 
bases. Ba(OH )2 is the strongest base of them all. 

We know that the acidity increases from left 
to right. Thus Li+, Na+, K+, Rb+, Cs+ corre- 
spond to strong bases, B®+ is so acid that, even 
in very acid solution, it is present as HBOg. AP+ is more acid than Mg^^, 
its hydroxide precipitates at pH 4, and it gives the A102“ anions in 
alkaline solution. Summarizing, AP+ and Be^+ are similar and, in analysis, 
we find them together. For the same reasons Li+ is similar to Ca^t-. 

Mg-+, Ca^+, Sr2+, Ba^+ are in the same anal 5 d:ical group; Mg^+ differs 
a little from the other three. The differences are a little greater towards 
the top of the classification. The metals are all very strong reductants, 
though their reducing power diminishes in passing from barium to 
beryllium. 

CALCIUM—STRONTIUM—BARIUM 




la 

Ua 

Ilia 

Li 

Be f 

B 

Na 

Mg‘- 

~>A1 

K 

' Ca' ; 


Rb 

’ Sr i 


Cs 

Ba ! 


Fa 

Ra 



Ca = 401; Sr = 87*0,* Ba = 137-4 
Only one state of oxidation in solution, II+. 

Redox. — The normal potential is of the order of — 3-0 volts to 
— 2-7 volts. The metals are strongly reducing and react with H+ ions. 
The ions cannot be reduced except by electrolysis. 

Hydroxides. — Strong bases in the second dissociation stage, and 
fairly strong in the first: 

Ba(OH )2 + H+--^BaOH+ + HgO 
Ba2+ + H 2 O ^ BaOH+ + H+ 

pKi = 13-3 for barium, 13-2 for strontium, and 12-6 for calcium. 

The solubility of the hydroxides is rather small: Ca(OH)g is almost 
completely precipitated by 2N-NaOH. 

Colourless cations; no anions. 

Complexes. — Some of the complexes are rather unstable. Hydro xy- 
lated organic compounds (sugars, citrate ions, etc.) have a slight tendency 
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to form complexes, but this tendency is too slight to interfere with certain 
precipitations. The trilons (or complexons) give complexes which are a 
little more stable. Thus trilon B or ethylenedi amine tetra-acetate, H4R 

HOOC.CHov /CH2.COOH 

>N— CHo:CH2--N< 

HOOC.CH/ “ ^CHg.COOH 

gives HCaR” and CaR^- 

The polyphosphates and in particular the hexametaphosphate ion 
inhibit the precipitation of certain low- solubility compounds. 

Ca2+ gives sulphate complexes. 

Summarizing, the properties in solution are not outstanding. No redox 
reactions, no very stable complexes. However (difference from the alkali 
metals), a great number of low-solubility compounds. 



OF CALCIUM HYDROXIDE AS 
A FUNCTION OF pH 
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FIG. 35. APPARENT SOLUBILITY 

OF CALCIUM CARBONATE AS 
A FUNCTION OF pH 


Low- solubility compounds. — Carbonates. — As for a large number 
of low-solubility alkaline earth salts, the rate of precipitation is small in 
the cold, greater in the hot, whence the need to heat in order to precipitate 
the carbonates. Soluble in ammonium salt solutions, CaCOg and BaCOa 
can be used for buffering solutions at around pH 6 (see fig. 35). 

Oxalates. — The calcium salt is the least soluble. They dissolve in 
acids, because oxalic acid is a weak acid in its second dissociation, 
pki = 4T. The solubility of Ca(C204) at pH 3 is low (acetic acid); but 
the dijB[erence of solubility is too small to permit a separation of Ca^-^* 
from Ba^+. Ca(C204), of very low solubility, precipitates in very fine 
particles which can pass through filters-. 

Chromates. — Chromic acid is a weak acid in its second dissociation, 
pkj = 6-4. Chromates are soluble in acids, apart from the less-soluble 
BaCr04 which is still rather insoluble in acetate-buffered solution. In 
this way a partial separation of Sr 2+ and a complete separation of Ca“+ 
can be effected. 

Sulphates. — CaS04 is much more soluble than the other two: its 
saturated solution slowly precipitates SrS04 and BaS04. 

H2SO4 has an acidity constant pki = 1-9. BaS04 dissolves slightly in 
the concentrated acid when hot; SrS04, with a larger solubility product, 
dissolves more in acid solution, and CaS04 much more. 

CaS04 crystallizes with 2H2O and its crystals may be observed under 
the microscope. Sulphate complexes are formed with Ca^+j which are less 
stable in the hot. 
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Phosphates. — The neutral phosphates, such as Ca 3 (P 04 ) 2 , are of 
very low solubility in alkaline solution, but the third dissociation con- 
stant of phosphoric acid is negligible and, below pH 7, CaHP 04 pre- 
cipitates. 

Ferrocyanides. — In neutral solutions of ammonium salts or in 
acetic acid Ca(NH 4 ) 2 (Fe(CN)e) is of low solubility. Ba2+ can precipitate 
in concentrated solution. Mg2+ gives the same reaction. 


Equilibrium constants 



Ca“+ 


Ba2+ 

+ HoO MOH+ + .... 

12-6 

13-2 

13-3 

M(OH), 1 1 2OH- . . . . 

3 - 4-51 

3-5 

1-8 

MCrO^ 1. + CrO^-^- .... 

-0-2 

4-4 

9-7 

MSeO, J, ^ M--!+ + SeO^^- .... 

0-6 

5 0 

70 

M(IO,)., 1, -1- 210,- . . . . 

. 5-7 

9-6 

8-9 

-MSO, 1 ^ MS+ -1- SO,'-- .... 

4-0 

7-4 

8-0 

MSO4 ;^IVP+ -1- . . . . 

4-2 

0-6 

10-0 

MHPO4 4 .... 

I 5 - 3-(>-6 1 

— 

— 

MCO3 1 ^ M2+ + CO32- .... 

! 8-3 

8-8-10-0 : 

8-3 

MHCO3+ ^ M2+ -}- HCO3- .... i 

i - 0-8 

1 — 

— 

XMC2O4 4 ^ M2+ -i- .... 

; 8-() 

7-2 

6-8 

MafPO^)., 4 ^ 3 IVP+ - 4 - 2PO43- .... 

25 

— 

1 

MF.> 1 M2+ 4- 2 F- ! 

10-4 

8-5 

1 5*8 

BaMnOi 4 ^ Ba2+ 4- .... 



9-6 

Ba(Br03)o 4 ^ Ba^^ 4- 261*03" • . • . ^ 



5-3 

BaSe63“4 ^ Ba2+ 4- SeOg^- . . . .: 



70 

BaS.Oa 4 ^ Ba-^+ 4- S2O3-- .... 



4-0 

BaCit" ^ Ba-+ 4- Cit^- . . . . , 



2-3 


Ca(NH 3 )e^^ ^ -f NH 3 : = 1*7; pk, - - 1-3; pk 4 - - M; 

pkg - 0-8; pka = - 0-6; pk^ ~ 0-2 for I 2. 


Detection. — The elements other than the alkalis and alkaline earths 
must be separated before the alkaline earths are characterized (see p. 150). 

Detection of and Sr 2 +. — Sodium rhodizonate . — Sodium 

rhodizonate gives with Ba2+ and Sr^^ red compounds of low solubility. 
According to the concentration, a precipitate or a coloration is obtained. 
The Ba2+ compounds are less soluble than those of Sr 2 + so that the 
reaction is less sensitive with the latter. 



I I 

CO C(OH) 

\ / 

C(OH) 

Rhodizonic acid 

In 0-25N-HC1, strontium rhodizonate at the usual concentrations is 
completely redissolved and its colour disappears, whilst that due to Ba^+ 
is still visible under these conditions. On the other hand, when chromate 
is present, barium rhodizonate is not formed, whilst that of strontium 
remains (see the solubility of the chromates in the table). 
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By a combination of these reactions and Ba^+ can be detected. 
Unfortunately the reagent is rather unstable. 

Solutions required. — (1) Solid sodium rhodizonate (or *THQ’). The reagent 
must be kept in a tightly stoppered flask. It can be oxidized by the air, 
more rapidly in the light or in solution. When the reagent has not been 
used for some time, it is as well to check before use that it still gives the 
reaction. 

Prepare a little rhodizonate solution (or ‘THQ’ solution) by 
addition of a few grains to 2-3 ml of water. The solution should be a 
fairly deep yellow. It does not keep. 

(2) 0-5N-HCl(l/25). 

(3) 10 per cent K2Cr04. 

Procedure. — The reactions are best carried out on paper. A drop of the 
neutral solution and a drop of the reagent are deposited on a piece of 
filter paper some distance from one another. The two solutions come 
into contact with one another by diffusion and a red coloration 
indicates the presence of one at least of the two ions. Add 2 drops of 
0-5N-HC1, the coloration due to the strontium disappears slowly. 
Complete decoloration thus indicates the presence of Sr^^ alone. In the 
other case, Ba^"^ alone or a mixture of Ba^+ and Sr^+ may be present. 

Repeat the test as follows: to a drop of solution, add a drop of 
chromate; wait for a minute, then add a drop of reagent. A red colora- 
tion appears in the presence of Sr^t. 

Note. — In the presence of small quantities of barium (10“^ to 10“^ g.-ion/ 
litre) a red coloration is still observed, which however disappears more 
or less rapidly when N /2 acid is added. The deduction of the presence 
of Sr may therefore be false: after the chromate has been precipitated, 
no coloration is produced. For this reason it is best in all cases to make 
the test with chromate. 

Concentration limit. — 5.10"^ of Ba^t- or of per litre (30 and 

70 p.p.m.). x4fter separation with chromate: 10~^ g.-ion of Sr^t per 
litre, or 90 p.p.m. 

(1) Detection of — As oxalate. — If the solution contains 

both Ba2+ and Sr 2+, separate them as sulphates, then precipitate the 
Ca^-s- as the oxalate. 

Solutions required. — Ammonium sulphate solution, saturated. 

Ammonium oxalate solution, saturated (4*5 per cent). 

Procedure. — Take 2 drops of the solution. Boil. Add 2 drops of ammonium 
sulphate. Leave for 10 minutes on the water bath. Centrifuge. Add 
2 drops of ammonium oxalate to the supernatant liquid. Warm. 
Wait. 

Concentration limit. — .5.10“^ of Ca^t- per litre, or 20 p.p.m. 

(2) As CaS04.2H20. — Calcium sulphate is formed and the 
crystals are examined under the microscope (bundles of needles or 
sometimes of prisms with oblique ends). 

Procedure. — Evaporate 1 drop of the solution under test to dryness on 
a micro slide. Take up the residue in 1 drop of HoO and 1 drop of 
2N-H2SO4. 

11 
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Concentration limit, — 5.10“^ g--on of Ca2+ per litre, or 20 p.p.m. 

Interfering substances. — The reaction can only be carried out on solutions 
which contain no other elements besides the alkaline earths and the 
alkalis. 

1 part of Ca2+ can be detected in the presence of 50 parts of Ba2+ 
or Sr2+ 

Coloration of the flame 

Strontium: bright red, specific in the absence of Li. 

Barium: pale green; many substances give blue or green colorations (see 
p. 341). 

Calcium: orange-red, not specific. 

Visible spectrum 

Calcium: double yellow-orange band 602-618 m/z. Green band 552-554 
mfz: when the salt is dissolved in HCl, other bands are obtained: 
443 nijU, 593 m/z. 

Strontium: Orange-yellow, 604 m/z, 606 m^; blue, 461 m/z. 

Barium: Intense green bands; weaker yellow-orange and blue ones; 
614 m/z red; 553 green; 487 m/z green. The chloride gives lines at 
514 and 524 m/z in addition. 




MAGNESIUM 
Mg == 24-32 

Magnesium is similar to beryllium and zinc. It has only one state of 
oxidation in solution : II+. 

Redox. — Eo(Mg2+/Mg) = — 2-4 volts (calculated). The metal is a 
powerful reductant. It reduces H+ slowly in water, and rapidly in acids. 

It precipitates the majority of the 
elements As, Sb, Sn, Cd, etc., from 
their ions. 

Hydroxide. — Mg(OH) 2 . This is a 
fairly strong base: pk^ = 11*9. The 
colourless cations are weakly acid. The 
O-OIM solution precipitates at about 
pH 10-6, and the precipitation is com- 
plete at around pH 12. See the adjoin- 
ing curve of solubility of the hydroxide 
as a function of pH. However, the 
particles grow in course of time and 
the solubility diminishes. The aged 
precipitate redissolves at pH 9-5 (O-OIM) and at pH 11-0 (10“®M). The 
s.p. varies from to 10“^°*®. 

Caustic soda and NHg precipitate Mg(OH) 2 . The hydroxide is fairly 
soluble at a pH as low as 9-2 obtained with a buffer mixture of ammonia 
and an ammonium salt. The salts of weak acids, such as carbonates, 
borates, silicates, etc., added gradually to a solution of a magnesium salt, 
precipitate Mg(OH )2 as soon as a suitable pH is attained. The corre- 
sponding salts can be precipitated, if they are insoluble, when a large 
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excess of reagent is added; in general a mixture of hydroxide and the salt 
is obtained. 

MgNH 4 P 04 and Mg oxinate, which are less soluble than the hydroxide, 
can be precipitated in slightly less alkaline solution. In order to avoid the 
precipitation of Mg(OH )2 the initial Mg salt solution should be acid, and 
should then be buffered with an ammonium salt-ammonia mixture. In this 
way the solubility of the salts is diminished simply by adding a large 
excess of ammonia. Several divalent ions give similar precipitates. 

Magnesium hydroxide (or oxide) buffers acid solutions (and Mg^^ 
buffers alkaline solutions) at pH 9-10. 

Complexes. — Very unstable ammoniates are formed up to 
Mg(NH 3 ) 62 +; also MgHC 03 +, MgN 03 + etc. 

More stable complexes are the tartrates, metaphosphates, and those 
with the trilons, etc. 


Equilibrium constants 


Mg*^+ + H 2 O MgOH+ + H+ . . . . 

. . . . 11 -T 

Mg(OH). 1 , Mg2+ + 20H- .... 

. . . . 8-8-10-9 

MgCjOj-l, + C 2 O 42 - .... 

. . . . 4-1 

MgjCPOJ^I ^3Mg2+ + 2 P 04 =- . . . 

. . . . 12-6 

MgCO,^ ^Mg 2 + + CO,^- .... 

. . . . 5-0 

MgFaj ^Mg2+ -f 2F- 

. . . . 8-2 

MgNH 4 P 04 4. ^ Mg 2 + + NH 4 + + PO 43 - . 

. . . . 12-6 

Mg(NH 3 ) 32 +^ Mg(NH3)5^+ -f NH 3 ; pk, = 

- 1*3, pks = - 0-9 

pk 4 = — 0 -r, pks == ~ 

0-4, pko = - 0-15; 

pki = -f 0-2 for 1=2 


Mg oxine 2 j Mg^+ + 2 oxine~ 

. . . . 16-6 


Detection. — All elements other than the alkaline earths, the alkalis 
and NH 4 + must be separated first before proceeding to the detection of 
Mg^^" (see p. 150). 

( 1 ) Thiazole yellow J or ‘Titan yellow’. — Magnesium hydroxide 
has the property of adsorbing numerous dyes, in particular thiazole 
yellow, which is thereby transformed from yellow to red. A precipitate or 
a coloration is obtained, depending upon the concentrations. 


Solutions required 


N 


SO,Na 

-NH— N=N— 


SOjNa 




_>'-V 


~C/ 


Thiazole yellow 


N 


(Colour index No. 813.) 

Aqueous solution (0-1 per cent) of titan yellow. 
0-lN caustic soda. 


CH, 


Procedure . — To 5 drops of O-lN-NaOH add 1 drop of the reagent, then 
1 drop of the solution completely neutralized. 

Concentration limit. — 3.10“^ of Mg®+ per litre, or 7 p.p.m. 
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Interfering substances. — Li+ gives a salmon pink coloration. Much NH4+ 
interferes:, and caustic soda must be added to bring the pH to a value 
sufficient to cause the precipitation of the hydroxide; Ca^^ in large 
quantities and very alkaline solution gives an orange precipitate or 
coloration by the formation of Ca(OH)2. It is more correct therefore 
to detect Mg^+ after ammonium salts have been eliminated by ignition. 
Detection of Mg2+ should therefore be effected at the same time as that 
of the alkaline earths (see p. 150), 

Ag+, Hg2+5 Cu^+j Cd^+j Mn^+j €0^+, and give the same 

reaction. Numerous hydroxides which precipitate interfere. 

(2) Hydroxy quinoline or oxine. — In ammoniacal solution, a pre- 
cipitate of magnesium oxinate Mg(C9H6NO)2 is formed; this has a very 
low solubility. Note the difference from the alkalis and alkaline earths. 


OH 



Oxine 


Solutions required. — Saturated solution of oxine in ammonia-ammonium 
chloride buffer (0-2 per cent, approximately, dissolves). 

Procedure. — Add 1 drop of solution to 2 drops of the reagent. 

Concentration limit. — 10“^ g.-ion of Mg2+ per litre, or 2 p.p.m. In U.V. 
there is a greenish-yellow fluorescence. The limit of sensitivity can 
then be 5.10“^, or 1 p.p.m. 

Interfering ions. — A large number of ions also precipitate oxine at pH 9. 
The precipitates with Be^+, AP+, Pb2+, Sb®+ are also fluorescent. 
Ca^+, Ba2+, Sr^+j do not interfere. 

DETECTION OF THE ALKALINE EARTHS AND OF THE 
ALKALIS DURING THE COURSE OF THE ANALYSIS 

Preliminary test with ammonium sulphate. — The low solubility 

of the sulphates of barium and strontium can be utilized. 

Procedure. — Introduce 1-2 drops of the solution into a drop of saturated 
ammonium sulphate: the formation of a white precipitate indicates 
the presence of Ba2+ or Sr2+ or both (or perhaps Ca^^ also, if it is 
present in large quantity, or of Pb^"!"). If there is no precipitate, it is 
unnecessary to look for Ba2+ and Sr^^. 

Concentration limit. — Ba^+ 10~®, Sr2+ 10-^^ Pb^-*- 10“®, Ca^-t > 1 g.-ion/ 
litre. 

Elimination of interfering substances. — The alkaline earths are detected 
after separation of the elements of the other groups. The solution thus 
contains only alkaline earths and the alkalis. 

Principle. — The pH is adjusted to 9-0 by means of ammonia-ammonium 
chloride mixture: a certain number of hydroxides precipitate. The 
addition of ammonium sulphide causes sulphides of low solubility in 
alkaline solution to precipitate. The solution contains, besides the 
alkalis and the alkaline earths, elements whose sulphides redissolve 
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in an excess of sulphide* The solution is acidified, and these sulphides 
are reprecipitated. A solution is thus obtained containing no other 
elements besides the alkalis, the alkaline earths, and The latter 

will have been detected before this in the initial solution. 

When the solution contains arsenates or phosphates, Ca^+, Ba^+, 
Sr^+, and Mg2+ will be precipitated during the separation (pH 9). The 
phosphate ions must therefore be eliminated in advance in acid solu- 
tion. Only after this are the separations indicated made. 

Treatment of the solution for the detection of the alkaline 

earths and the alkalis. — {a) Phosphate absent 

Solutions required , — Freshly prepared ammonium sulphide. It should not 
give a precipitate with Ba^+ (indicating absence of and SO^^"). 

12N- and 0-5N-HC1. 

Saturated ammonium chloride. 

loN-ammonia. 

Universal indicator paper. 

Procedure . — In a 5-6 ml test-tube heat 30 drops of the solution on a water 
bath. Add 4 drops of ammonium chloride. Take off the water bath. 
Add 12 drops of ammonia, and then 5 drops of ammonium sulphide. 
Numerous sulphides and hydroxides precipitate. As, Sn, Sb, Mo, W, 
traces of Cu, and the alkaline earths and alkalis remain in solution. 
Stir with a thin stirrer. Centrifuge. 

Detach the precipitate which adheres to the walls of the tube with a 
stirrer wetted with the clear solution. Centrifuge. Decant the superna- 
tant liquor. Add 12N-HC1 5 drops at a time until the solution has a pH 
about 0. (Check by removing a drop on a stirring rod on to a piece of 
universal indicator paper.) Centrifuge. Evaporate the clear solution 
to dryness, ignite gently in order to drive off the ammonium salts. 
Take up with a drop of 0-5N-HC1. Add 30 drops of water. Warm. The 
solution is now ready for the detection of alkaline earths and the 
alkalis. 

Notes. — (1) Black nickel sulphide can remain suspended in the colloidal 
state, during the first centrifuging. It is flocculated by the acidification 
and it develops sufficiently fast to remain insoluble in N-HCl. 

(2) The solution containing the alkalis and the alkaline earths can 
contain colloidal sulphur. It can be freed from this by boiling with a 
few bits of (ashless) filter paper. 

(b) Phosphates present 

Solutions required . — Pure acetic acid. 

20 per cent solution of lead acetate. 

Procedure . — 30 drops of solution are heated on the water bath in a 5-6 ml 
test-tube. A drop of methyl red is added, then ammonia until it just 
turns colour. 15 drops of acetic acid are added, then 5 drops of lead 
acetate. All the phosphate is thus precipitated as lead phosphate. 
Leave for a minute on the water bath. Centrifuge. Check that precipi- 
tation is complete by adding 2 drops of lead acetate. Decant the 
supernatant solution. Add 6 drops of ammonium chloride solution, 
then 30 drops of ammonia. Then proceed as before. 
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Detection of Ca2+. — Classical method 

Principle. — Buffer the solution by adding a little ammonium acetate and 
precipitate the barium as chromate; Sr^^ and Ba^n- remain in solution. 
Add ammonium sulphate in concentration sufficient to precipitate the 
strontium and to maintain the calcium sulphate in solution as a 
complex. 

Precipitate the calcium as the oxalate. 

Solutions required 

Ammonium acetate 30 per cent 

Potassium chromate . . . . 10 „ 

Ammonium sulphate .... saturated 
Ammonium oxalate .... 5 per cent 

(1) Detection of barium 

Procedure. — To 2 drops of solution, add 2 drops of ammonium acetate. 

Boil. Add 1 drop of chromate. Barium gives a yellow precipitate. 
Concentration limit. — 5 .10"^ g.-ion of Ba2+ per litre, or 70 p.p.m. 
Interfering substances. — Sr“+ precipitates slowly if its concentration is 
above IM. 

(2) Detection of strontium. — The preceding solution is centrifuged. 
The supernatant liquor should be yellow, indicating that excess 
chromate is present. Remove 2 drops of the clear solution and boil. 
Add 2 drops of ammonium sulphate. Leave for 6 minutes on the 
water bath. 

Strontium gives a white precipitate. 

Concentration limit. — 10"® g.-ion of Sr 2 + per litre, or 100 p.p.m. 

(3) Dectection of calcium. — The preceding solution is centrifuged. 
Calcium is detected on 2 drops of the clear solution. 

Detection of Ba^^, Ca^t, Sr2+, rapid method. — We have seen (p. 
146) how Ba^+ and can be characterized by means of rhodizonate. 
Ca®+ is detected after the separation of the sulphates (p. 150). 
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AMMONIA GROUP 

BERYLLIUM. ALUMINIUM. IRON. CHROMIUTVI. RARE 
EARTHS. TITANIETM. ZIRCONIUM. THORIUM. 
NIOBIUM. TANTALUM. URANIUM. GALLIUM. 
INDIUM. THALLIUIVI 

THE ions of this group can exist in the following states of oxidation: 
Be(II), Al(III), Sc(in), Y(III), Ti(III), rare earths (III), and Ce(IV), 
Ti(IV), Zr(IV), Hf(IV), Th(IV), Nb(V), Ta(V) and also Fe(III), Cr(III), 
Si(IV), U(IV), Mn(III), Mn(IV), Co(III), Bi(III), V(IV), etc. 

The hydroxides precipitate in NH3 + NH4+ solution. They are fre- 
quently colloidal and have marked adsorptive properties. 

Numerous complexes are formed with hydroxylated organic ions, with 
oxalates, fluorides, etc. 

Few low-solubility compounds, apart from the phosphates. The 
sulphides are soluble. 

Sn(IV), Sn(II), Ge(IV), and Ge(II) are similar to this group, although 
their sulphides are of low solubility. The same applies to Ga(III), In(III), 
and U(VI). 


Place of the ammonia group elements in the periodic table 


la 

lla 

Ilia 

IVa 

Ya 

Via 

Vila 

Li(I) 

\ Be(n) 

1 B(ni) 

C(IV) 
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Mg(II) 
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Si(IV) 
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Se(III) 

Ti(IV) 
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i Y(III) 
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Nb(V) 

Mo(VI) 

Tc(VII) 
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R.E.(III) 

Hf(IV) 

Ta(V) 

j W(VI) 

Re(Vn) 


Ra(II) 

1 Ae(III) 

Th(IV) 

Pa{V) 

^ U(VI) 
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The cations increase in acidity in the direction of the arrows. 

The ammonia group includes the elements whose cations are suffi- 
ciently acid for the hydroxides to be formed in ammonia-ammonium 
chloride solution, i.e. at 9-2, and insufficiently acid for them to be in 
the anionic state at the same pH. These elements are thus those in the 
centre of the classification. 

In Column Ila, there is only one element which belongs to the group: 
this is Be(II), similar not to B, which is too acid, but to Al(III). 

In column Ilia, B(III) forms a soluble hydroxide B(OH)3; we shall 
find it among the anions. AP+, Sc^+, Y 3 + and the rare earths belong to 
the ammonia group. They are deereasingly acid from A 1 to the rare earths, 
the latter being of quite low acidity. 

In column IVa, all the members are very acid. CCI4 is insoluble in 
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water, and is not hydrolysed. HgCOg exists, as do the anions HCOg" and 
COg^-. Si Cl 4 is hydrolysed giving HgSiOg, and the corresponding anions 
are slightly more basic than the corresponding carbonate anions. Ti^+, 
Zr^+, Hf^+, Th^+, very acid, are part of the ammonia group. Ti and Zr do 
exist in solution in the form of cations which are still very acid. 

In column Va, Nb and Ta are part of the group. The hydroxides do not 
dissolve except in concentrated acid and in very concentrated alkali, 
yielding cations and anions of very little importance. They remain, in 
general, among the insolubles along with silica. 

In column Via, only the last element is a part of the group, in the 
form of the slightly acid cation The other elements are too acid 

and scarcely exist in any other form than the anionic one in solution, so 
that they are not precipitated by ammonia. 

Iron (HI) and chromium (HI) belong to the ammonia group. Fe^+ 
and Cr®+ are acids. 

TP+, In^+, Ga^+, column HI6, may be considered as similar to the 
ammonia group in the properties of their hydroxides. 

Precipitation pH’s of the hydroxides. — The hydroxides precipitate 
in the following order from solutions of their chlorides, when the acidity 
of the solution is decreased: 

Si(IV), Ta(V), Nb(V), Sn(IV), Zr(IV), Ti(IV), Th(IV), Ga(HI), In(HI), 
Al(HI), Sc(HI), rare earths (HI), Be(H). 

General reagents. — (1) Adsorption compounds , — A large number of 
dyes (in particular the ‘chromatable’ dyes) are adsorbed by, or give 
adsorption compounds with, the hydroxides, or maybe compounds with 
basic ions. As a result a colour change occurs. 

The principal reagents which have been proposed are hydroxylated 
derivatives of anthraquinone, hydroxyazo dyes, cochineal, morin, 
aluminon, haematoxylin, etc. 

The stability of these compounds as a function of pH follows the same 
order as that of the precipitation pH’s of the hydroxides. Thus, among the 
ions more frequently met with, only Zr(IV) often reacts in very acid 
solution and the reaction is then specific. Only Be(H) frequently reacts in 
strong alkali. Similarly Th(IV) reacts in sufficiently acid solution to be 
detected in the presence of the rare earths. 

Between these two extremes, it is not possible to render the reactions 
specific by pH adjustment, if small quantities of an element are being 
sought in the presence of a large quantity of a neighbouring element. 

It is hardly possible to utilize the formation of complexes, because the 
stabilities of those that are known are too near to one another to permit 
easy differentiation. 

(2) Fluorescence is sometimes much more selective than colour 
reactions. Thus chrome blue does not give a fluorescence except with 
Ga(HI) and Al(HI). 

(3) Precipitating reagents . — Certain reagents also precipitate the 
different ions in more or less the same order as they are precipitated as 
hydroxides. In strong acid solution, arsenic and phosphoric acids only 
precipitate a small number of ions: those of Zr(IV), Ti(IV), Th(IV), 
Sn(IV), Ce(IV), Nb(V), Ta(V). 

Phosphoric acid in 2-3N-HC1 has been proposed for characterizing Zr. 
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Arsenic acid permits a selective separation of Zr and Ti which can be 
utilized for the external characterization of titanium. 

The arsonic acids give more complete and more sensitive precipita- 
tions. 

The characterization is more sensitive when azoarsonic compounds 
are used, as these yield coloured precipitates. Thus, with p-dimethyl- 
aminoazophenylarsonic acid, Zr(IV) can be characterized with certainty 
and sensitivity in the presence of other cations. 

Separations . — Cupferron in 1*.5N-HC1 effects a quantitative separa- 
tion of all the elements before Ga from those following it in the list above 
(p. 154). 

The precipitate and the excess of reagent can be rapidly removed with 
ethyl acetate. AP+ can then be detected. 

OiVine can also be used, in particular, in order to separate Ga^^ and 
AP+. Here also the precipitate can be removed by extraction with 
chloroform. 


ALUMINIUM 
A1 = 26-97 

State of oxidation. — Aluminium has analogies with beryllium, on 
the one hand, and with iron and chromium, when their oxidation number 
is III, on the other. In solution it is always in the same state of oxidation 
III+. 

Influence of pH. — AP+ is colourless. The hydroxide, Al(OH)3, which 
is white, precipitates above pH 3-8 (O-OIM) and redissolves in solutions of 
pH 10-12-6, depending on its degree of development, giving the colourless 
anion AlOo”. 



FIG. 37. APPARENT SOLUBILITY OF ALUMINIUM HYDROXIDE 

AS A FUNCTION OF pH 

A1(0H)3 easily becomes colloidal, but it ages rapidly in alkaline solu- 
tion in the hot. The low-solubility hydroxide precipitates from low- 
alkalinity aluminate solutions. 

Complexes. — These are numerous. The principal ones are those 
derived from the anions of hydroxylated organic compounds: citrates, 
tartrates, etc. 

The fluoride complexes, AlP^^, A^AlFg), Na3(AlFg), the last two 
having a rather low solubility, and the oxalates, A1(C 204)2"“ and 
A1(C204)32~, are fairly stable. 

Low- solubility compounds. — ^There are not many of these: the 
phosphate AIPO4 and the oxinate are the most important. This latter is 
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soluble in chloroform. Caesium alum Al 2 (S 04 ) 3 , CS 2 SO 4 , 24 H 2 O is of 
fairly low solubility. 

The rather unstable acetate complex is destroyed on heating, with 
precipitation of the hydroxide. 


Equilibrium constants 

AP+ + H 2 O ^ A10H2+ -f H+ 4-9 

A10H2+ + 2 H 2 O ^ A1(0H)3 4 , + 2H+ 3-9 

A1(0H)3| AP+ + 30H- 32-7 

A1(0H)3| ^HgAlOs- + H+ 12-6-15 

A1(C204)2- ^ AP+ + 2 C 2 O 42 - 13-0 

A1(C204)33- ^ A1(C204)2-- + C 2 O 42 - a-3 

AlFe^- - AIF 32 - + F-; = 0-5; - 1-6; = 2-7; 

pkg = 3-9; pka = 50; pk^ = 6-1-6-3 

Na 3 (AlF 6 )| ^ 3Na+ -f AlFe^- . “ 27 

Al(AlFe)| AP+ -f AlFe"- 9-4 

A1 oxinCal ^ AP+ + 3 oxine“ 32-3 

A1 cupferrougl ^ AP+ + 3 cupferron" 18-6 


Redox. — The normal potential of the iVl/AP+ system is — 1-5 to 
-- 1 -7 volts. The metal is a powerful reductant, but it covers itself with 
a protective film of the oxide. When the oxide film is removed, attack 
proceeds fast; this can be achieved either by making aluminium amalgam, 
the AI 2 O 3 floats off, or else by dissolving A1 at a pH of less than 5 or 
greater than 11 . 

A1 precipitates Ag, Cu, Hg, Sn, Sb, Cd, etc., from their ions by 
reduction. 


Detection 

Aluminon, — Ammonium aurine tricarboxylic acid (aluminon) turns 
from pink to red in acetate buffered solution, probably due to the 

HO— Oh/\— OH 



OH Colour Index, 727; 

Aluminon Schultz, 557. 

formation of an internal complex as a result of the juxtaposition of 
— COOH and the — OH groups in the ortho position to one another. 

Solutions required . — Aluminon in aqueous solution, 0-1 per cent. 

Acetate buffer: sodium acetate 56 g, 24 ml of glacial acetic acid: 
make up to 100 ml. 

Note . — The acetate solution gradually attacks the glass and a little 
aluminium goes into solution. 

Procedure . — On a test plate, to 1 drop of the solution to be examined, add 
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1 drop of reagent and 2 drops of the buffer solution. Wait for a few 
minutes. 

When the concentration of aluminium is low, compare the solu 
tion with a blank containing the reagent and the buffer solution. 

Concentration limit, — 10“^ g.-ion /litre, or 3 p.p.m. 

Interfering substances. — (1) The colour of the aluminon changes in al- 
kaline solution; hydroxides precipitate. In too acid solution, the 
aluminium is present as and the reaction does not occur. Hence 
the need to use an acetate buffer. 

(2) Powerful oxidants at pH 4*5 destroy the dye: Au(III), Ce(IV), 
Cr(VI). 

(3) Certain other ions give colorations; these are: intense colora- 
tions— Be(n), Fe(III), Ti(IV), Ga(III), and Sc(III); slight colorations 
— Bi(III), B(III), Cr(III), Hg(II), Mo(VI), V(IV), Zr(IV), and 
Th(IV). 

Certain ions interfere by superimposition of their own colours; 
these are: Cu(II), Co(II), and V(V). 

Elimination of interfering substances. — (1) With cupferron. — Fe(III), 
Mo(VI), V(V), Ti(IV), and Ga(III) can be separated from aluminium 
by cupferron in 1-5N-HCL The compounds formed and the excess of 
the reagent can be separated by extraction with ethyl acetate. 
V(IV) should be oxidized beforehand to V(V) and Fe(II) to Fe(III). 

Solution required . — 6 per cent aqueous solution of cupferron, freshly 
prepared. 

Procedure . — Add 1 drop of 4N-HC1 and 2 drops of cupferron to 1 drop of 
the solution to be examined in a microcone. Then add 10-15 drops of 
ethyl acetate. Shake. Draw off the aqueous solution below the ethyl 
acetate with a dry pipette. Make the test on 1 drop of the solution. 
The separation is very rapid and is quantitative. 

Cu2+, Ni^+j Co^+ must be complexed by the addition of 20 per cent 
cyanide. On an indicator spot plate, add 1 drop of 20 per cent cyanide 
to 1 drop of the solution imder test. Stir with a drawn-out stirring rod. 
The precipitate should redissolve in the excess of cyanide. When this 
occurs, proceed as before. 

Precious metals should be separated after reduction if they are 
present. 

(2) With caustic soda. — The elements whose hydroxides are of low 

solubility can be separated by rendering the solution alkahne. 

Procedure . — To 1 drop of solution, add 4 drops of 2N-NaOH. Boil. Centri- 
fuge. Then take 1 drop of the clear solution. Compare it with a blank 
made up from 1 drop of the same 2N-NaOH, 1 drop of the reagent, 
and 2 drops of buffer solution. 

Remarks about eliminations. — (1) If the separation is effected with cup- 
ferron, only Be^+ which accompanies the AP+ can give the same 
reaction. 

(2) If the separation is made with caustic soda, the majority of the 
Be 2 + remains with the AP+ and so does the Ga^^. 

Hence, if Be^+ is present, AP+ must be sought with ‘chrome blue’, 
after separating with cupferron when Ga^^ is present. 
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Notes, — (1) The absence of a reaction to aluminon in acetate buffer 
indicates the absence of the following elements: Be(II) 10"®’ 
Fe(III) 10-4, Ti(IV) 10-2, Ga(III) 10-4, Sc(III) 10"4, Cr(III) lO-i, 
V(IV) 10-2, Zr(IV) 10~®, Th(IV) 10-4 g.-ion/litre. 

(2) The absence of a precipitate with cupferron in l-oN-HCl 
indicates the absence of a number of important ions: Sn(IV) 10-4^ 
Zr(IV) 10-4, Fe(III) 10-®’’, V(V) 10-® ^ Mo(VI) 10-®’^, Ga(III) 
10-®*®, Ti(IV) 10-®*®, Bi(III) 10-®*®, W(VI) lO"®*® g.don/litre. 

Morin. — Morin or pentahydroxy-3,5,7,2',4'“flavone gives, with the 
majority of the ions of the aluminium group, a fluorescence varying from 
greenish blue to yellow. With Al®+ a good sensitivity is obtained at 
pH 4-5. 



Solutions required, — 0*005 per cent solution of morin in alcohol. 

Buffer solution (see aluminon). 

Procedure, — Add 1 drop of the reagent to 4 drops of solution, and then 
add 4 drops of buffer solution. If there is a precipitate, separate it, 
then add a further drop of the reagent before examining the fluores- 
cenee. 

Concentration limit, — 4.10-4 or 10 p.p.m. In U.V., 10-4 g.-ion/litre, or 
3 p.p.m. 

Interfering substances. — More or less the same as in the case of aluminon. 
Eliminate them in the same way. Only Be®^ can then interfere, if its 
concentration is high (10" ^ g.-ion/litre). 

‘Chrome blue’. — Among the hydroxyazo dyes, those which have the 
group 

^C=C-— N=N— C=C~~ 


give a very selective fluorescence with Al®+ and Ga®+. 

In particular 2,2' hydroxy-4-sulpho-naphthalene-azo-naphthalene 
gives an orange-coloured fluorescence: acid chrome blue 2R Bayer, 
chrome blue black NR, blue black Pontachrome R or Solochrome blue 
black BS. 



Colour Index, 202; Schultz, 181. 


OH 
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Solution required. — 0-01 per cent aqueous solution of the dye. Acetate 
buffer (see p. 156). 

Procedure. — Add 1 drop of the dye solution, 1 drop of the buffer, and 
3 drops of alcohol to the solution to be investigated. Warm. 

Observe in a dark room in the light from a Wood’s lamp. When 
A 13 + ig present, an orange coloration will be observed. A blank gener- 
ally shows negligible fluorescence. The tests can be made in glass 
tubes. 

Concentration limit . — This depends on the intensity of the U.V. light 
used; it is about 10 ~® g.-ion/litre, or 0-03 p.p.m. The reaction is thus 
very sensitive. 

Interfering substances. — Very few ions give marked fluorescences. Only 
Ga®+ gives a red fluorescence. Same sensitivity as with AP+. 

Coloured ions diminish the intensity of the fluorescence and, as a 
result, they diminish the sensiti\dty of the reaction: Cr(III) and 
U( VI) slightly; Co(II) andMo(VI) considerably; Ni(II), Cu(ri), Fe(III), 
Ti(IV), V(IV), and V(V) quench the fluorescence. 

Fe(II) interferes because, at pH 4-5, it is oxidized fairly rapidly 
in the air to Fe(III). 

Ions which precipitate AF+ diminish or quench the fluorescence 
according to their concentration: this applies to much phosphate and 
arsenate. 

Ions which are sufficiently oxidizing destroy the reagent: Tl(III), 
Au(III), Pt(IV). 

Cr(VI) does not interfere much. It slightly diminishes the sensi- 
tivity of the reaction on account of its colour. 

Ions which form complexes with AP+: € 204 ^“, F“, diminish or 
quench the fluorescence; they must be eliminated before any analysis 
for cations. 

Elimination of interfering substances. — ( 1 ) Fe(III), Mo(VI), Ti(IV), and 
Ga(III), can be separated from aluminium by cupferron in 1-5N-HCL 
The compounds formed and the excess of the reagent are separated 
by extraction with ethyl acetate. V(IV) should be first oxidized to 
V{V) and Fe(II) to Fe(III), see aluminon (p. 157). 

( 2 ) Co^"^, Cu 2 + can be complexed by the addition of 20 per cent 
cyanide, sufficient just to cause the first-formed precipitate to be re- 
dissolved. Then only Co 2 + diminishes the sensitivity on account of the 
yellow colour of the cobalticyanide. 

(3) The oxidants, Ce(IV), Tl(III), if present, should be reduced, 
for example by the addition of a small quantity of bisulphite. The 
excess of SO 2 is then driven off by boiling. Precious metals should be 
separated by reduction, then filtration. It should be noted that Be®+ 
does not interfere (distinction from what happens with most of the 
other reagents for AP+). 
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BERYLLIUM 
Be = 902 

Beryllium is similar in some respects to aluminium, and in some to 
magnesium. It exists in only one state of oxidation II+. 

Redox, — The element is a powerful reductant. 
Eq = — 1*7 volt (calc.). 

Influence of pH. — The cations Be^+ are first 
formed, then BeOH+ which condenses into 
Be 20 H®'*“ and BeaG^^, which are colourless. 
Wliite Be(OH )2 precipitates at a pH of around 
G-O (O-OlM). It redissolves at about pH 13-5, 
giving the anions BeOg^- and BegOg^" which 
are colourless. The hydroxide is thus not very soluble in NHg + NH 4 + 
solution, a fact which differentiates it and permits its separation from 

Mg 2 -f. The alkaline solution precipi- 
tates at the boil, giving the hydroxide 
which is much less soluble. 

Low- solubility compounds. — 
NH 4 BeP 04 is less soluble than the 
hydroxide: it has only a low solubility 
in acetate buffer (difference from 
Mg 2 +). Beryllium oxinate, like that 
of magnesium, is soluble at 2 :>H 4*5 
and not much soluble in ammoniacal 
solution (separation from AP+). 

Complexes. — Citrates and tar- 
trates, fairly stable. Be(OH) 2 , freshly 
prepared, dissolves in solutions of the alkali carbonates, whence boiling 
reprecipitates it (difference from AP+). 

Equilibrium constants 

2Be2+ + H 2 O ^ Be202+ + 2H+ 

Be(OH )2 I - Be 2 + + 2 OH- . 

Be(OH )2 I ^ BeOgS- -f 2H+ 

HaBcaOg I ^ Be 2 d 2 + + 20 H- 

HoBeOg I ^ BegOg^- + 2H+ 

BeFa j ^Be2+ + 2F- 

BeF42-^ BeFg™ F-; pk 4 = 2*0; pkg = 3*6; 
pkj = 4*3~5*9 

Detection.-~Morin.-~-Morin gives a yellow fluorescence with Be 2 + in 
alkaline solution. 

Solutions requifed,— 0-02 per cent morin in alcohol. 4N-NaOH. 

Procedure , — 2 drops of solution, 1 drop of reagent, and 3 drops of 
4N-NaOH are placed in succession in a microcone. 

The yellow fluorescence, which can be seen even in daylight, should 
be examined in L^.V. light. 

Concentration Ibnit—Thh depends on the intensity of the U.V. light. We 


. 20*0 
. 29*7 

. 18*4 

. 29*1 

, 2 
pkg = 5*0; 



FIG. 38. — APPARENT SOLUBILITY 
OF BERYLLIUlVr HYDROXIDE AS 
A FUNCTION OF pH 
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have found that the fluorescence is still strong at 10""^ g. -ion /litre, or 
1 p.p.m. 

Interfering substances, — (1) Very few substances give a marked fluores- 
cence. Li+ in large quantities gives a slight one. Sc(III) which redis- 
solves slightly in alkaline solution, and so may be present, gives a 
slight one also. Much Zn(II) gives a slight fluorescence, which can be 
caused to disappear by addition of cyanide. Much Ca(II) gives a slight 
fluorescence which can be made to disappear by addition of pyro- 
phosphate. 

(*2) Numerous hydroxides precipitate in alkaline solution, and the 
precipitates adsorb morin and frequently give a fluorescence. The 
hydroxides should therefore be separated after their complete pre- 
cipitation, and before adding the reagent. 

Coloured ions diminish or inhibit the fluorescence. There are not 
many that can do this under the conditions of test: Cr(III) in concen- 
tration of 0-1 g. -ion/litre displaces the concentration limit to 
g.-ion/litre. The precious metals, Au(III), Pt(IV), should be separated. 
U(VI), W(VI), V(IV), V(V) diminish the sensitivity. 

IRON 
Fe = 55*8 

States of oxidation. — 11+ in the ferrous ions which put iron into the 
zinc group; 111+ in the ferric ions which are found in the ammonia group: 
and VI + in the ferrates which are analogous to the manganates and 
chromates. 

Fe(II) 

When its oxidation number is II iron is similar to Mn{II), Zn(II), 
Ni(II), Co(II) whose common properties are described on page 187. 

iO'^ 


10 "^ 

10-5 

FIG. 39. — ^APPARENT SOLUBILITIES OF FERROUS HYDROXIDE 
AND SULPHIDE AS A FUNCTION OF pH 

Influence of pH., — Fe^+,aq., pale green, is acid, less so than Fe®+,aq. 

Fe(OH )2 (white) starts to precipitate at pH 5-8. It oxidizes rapidly in 
the air to green, then black, ferro-ferric hydroxides, then becomes rust- 
coloured from the formation of ferric hydroxide. Fe(OH )2 scarcely dis- 
solves in very strong alkali. 

Complexes. — Like Ni2+, Zn2+, etc,, Fe^+ gives ammonia complexes. 
They oxidize rapidly in the air. Complexes formed with hydroxylated 
organic compounds, with hypophosphites and oxalate ions. Very stable 
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complexes with o-pheiianthroline (see p, 167) and with cyanide ions: 
Fe(CN)s"- 

Low- solubility compounds. — A large number of ferrous compounds 
have a low solubility: the carbonate, cyanide, oxalate, phosphate, etc. 
The black sulphide FeS precipitates above pH 4, and it oxidizes slowly 
in air; in the colloidal state, the solution is a deep green. 

Equilibrium constants 


Fe(OH)2| ^ Fe2+ + 20H- 18-5 

Fe2+ + H,0 ^ FeOH+ + H+ .... 5-9 

Fe(OH)2“j, ^ HFeO^- + H+ . . . . 18-5 

FeS| 18-4-21-6 

FeCl+ Fe^+ + Cl- 0-8 

Fe(C204)| ^Fe2+ + C 2 O 42 - .... 6*7 

FeCCoOjg^-- Fe 2 + + 3 C 0 O 42 - .... 6 - 2 - 10-0 

FkOal ^Fe 2 + + CO 32 - .... 10-3 

FeCr04| ^Fe2+ + Cr042- .... 5-6 

Fetart. 2 ^~ ^ Fe2+ + 2tart.2- .... 4*9 

Fe( 2 , 2 '-dipyridyl) 3 ^+ ^ Fe^+ -h 3(dipyridyl) . . . 15*0 

Fe(l, 10 -o-phenanthroline) 3 ^+ ^ Fe^+ + 3-o-phenanthroline . 17-7 


Fe(III) 

When its oxidation number is III, Fe finds its place in the AP+ group. 

Influence of pH. — In acid solution, Fe®+ is always present. It is 
colourless or slightly mauve (perchloric or nitric acid solutions). In 
sulphuric or hydrochloric acid solution, yellow complexes are formed. 

The rust-coloured hydroxide pre- 
cipitates from a pH of 2*2 upwards 
(O-OIM) but it can remain colloidally 
disperse right up to the neutral point. 
It isvery slightly amphoteric; at first 
it goes into colloidal solution in small 
quantities, then it dissolves properly 
in very strong alkali as FeOg". 

In the presence of Fe(II), the 
green or black ferro-ferric hydroxide 
can come down. 

Complexes. — The number of 
complexes formed is very large: 
lemon-yellow chlorides, intense red thiocyanates such as FeCNS^+ all un- 
stable, unstable red acetates such as Fe(CH 3 COO) 2 +, which are destroyed 
at elevated temperatures with precipitation of the hydroxide; colourless 
fluorides among which FeF2+, FeFg®— give salts, of which even those 
with the alkali metals are of low solubility; pyrophosphates, phosphates 
and complexes with hydroxy lated organic compounds; green oxalates 
which are more stable. Very stable complexes: ferricyanides Fe(CN)6®~ 
and nitroprussides (ferrinitrocyanides) Fe(CN) 5 NO^“ both orange-yellow. 

Low- solubility compounds. — Few of the compounds are less 
soluble than the hydroxide: FeP 04 is of low solubility in acetic acid 
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solution. Basic ions such as in general give a precipitate of 

the hydroxide when a suitable _pH is attained. 

Ammonium sulphide precipitates black FcgSg stable only in alkaline 
solution; HgS precipitates FeS + S. 

Organic solvents. — Cupferron and oxine give compounds which can 
be extracted with chloroform or carbon tetrachloride. Fe(CNS)a. .iPt. 
Fe[Fe(CNS)6]) gives a red^olulimiinj man^ oxganje^selvents. The chloride 
can be extracted with ether from solutions containing much HCl; the 
compound involved is yellow HFeCl^. 


Equilibrium constants 

Fe3+ -f H 2 O ^ FeOH2+ + H+ 2-2 

FeOH2+ + HoO Fe(OH)2+ -f H+ 4-7 

Fe(OH)3 I ^ Fe3+ 4 - 30H- 37-4-38*2 

FeoSg I ^ 2Fe=^+ + 88 

FeC12+ - Fes+ + Cl- 1-4 

Fe(CNS) 52 - - Fe(CNS) 4 - + CNS~ etc.; pkg = 0-02; 

pk 4 — 0-8; pkg == 1-4; pkg = 1-9; 
pki = 2-1(1 = 1 ); = 2-9 (I = 0 ) 

FeHP04+ ^ Fe 3 + + HPO^^- 9.4 

FeHCit+ ^ Fe3+ + HCit^- 6-3 

FeTart+ ^ Fe^^ + Tart. 2 - 33-3 

FeF 52 - ^ FeF 4 - + F-; pkg = 0-5; pk^ = 2-2 

pkg = 3-0; pka = 4-2; pk^ = 5-5 (I = 0-5) 

FeSo03+^Fe2+ + S 0 O 32 - f 2-7 

FeN32+ ^ Fe3+ + 4-3 

Fe(C204)32- ^ Fe(C204)2"' 4- C 2 O 42 -; pkg = 4-0; pk, = 6 - 8 ; 
pkx = 9-4 (f = 0) 

Fe(oxine )3 4 , Fe^+ 4 - 3 oxine“ 31-8, 47 

Fe(oxine)2+^ Fe2+ 4 - oxine” 14-5 (1= 0) 

Fe( cupferron) 3 | ^ Fe^+ 4 - 3(cupferron)- 25-0 

Redox. — (1) Fe Fe2+; Eq = — 0-44 volt. The reaction is 


slow in both directions. Iron is a strong reductant and is easily oxidized, 
in particular by dilute acids: Fe 4. 4 - 2 H+ = Fe 2 + 4 - Hg f 

It is attacked by oxygen in the presence of water. It can precipitate 
some metals (Sb, Ag, Pb, etc.) from aqueous solutions of their salts. 

In alkahne solution, the formal potential is — 0-8 to — 0-9 volt in 
lON-NaOH saturated with hydroxide. This is near to the potential at 
which hydrogen itself is discharged. Iron is attacked fairly rapidly when 
hot, very slowly in the cold: in both cases hydrogen is liberated. The main 
product is black Fe 304 (Fe(Fe 02 ) 2 )* 

(2) Fe3+ 4 - e ^ Fe2+- Eo = 0-78 volt. 

(a) In acid solution. — In perchloric acid, the formal potential is 
0*7 volt, independent of pH. In O-OIM solution, Fe(OH )3 precipitates 
at pH 2 - 2 , and as soon as this commences the potential drops rapidly 
while the pH increases (fig. 41). 

In N-HCl the normal formal potential is 0-65 to 0-69, and in N-H 2 S 04 
it is 0-67. In N-HNO 3 , 0-70, in 2 N-HCIO 4 , 0-75 and, in 5 N-H 3 PO 4 at pH 0 
it is 0-52 volt. 

12 
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In acid solution, the position of the Fe®+/Fe2+ system on the scale of 
redox potential is the reason for the large number of oxidations by ferric 
salts and reductions by ferrous salts. 



FIG. 41. FORMAL POTENTIALS OF THE REDOX SYSTEMS OF IRON 

Oxidizing properties of the ferric ions: 

Action on HgS: 

2Fe3+ + H.S -> 2Fe2+ + S ^ + 2H+ 

Action on iodides: 

2Fe3+ -f 2I-^2Fe2+ + 

Action on stannous salts: 

2Fe3+ + Sn2+ 2Fe2+ + Sn^^ 

Action on HgSOg: 

2Fe3+ + H 2 SO 3 + H 3 O 2Fe2+ + SO^^- + 4H+ 

Action on thiosulphates: 

2 Fe 3 + + 2S2O32-— >2Fe2+ + 

Reducing properties of ferrous ions: 

Slow action of the air: 

4Fe2+ + O 2 t + 4H+“&-4Fe»+ + 2 H 2 O 

Action of permanganate: 

MnO^- + 5Fe2+ +■ Mn2+ + 5Fe^+ + 4 H 2 O 

Action of nitrates: 

NO 3 - + 2 Fe 2 + + 2 H+-^ NOg- + 2Fe3+ + HgO 

followed by: 

HNO 2 + Fe2+ + H+— >NO t + Fe3+ 4 - HgO 
(b) In alkaline solution 

Fe(OH )2 I + OH- - e^Fe(OH )3 4 
The formal potential is about — 0*7 volt at 14 (fig. 41). 
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In neutral or alkaline solution, the oxidizing properties of ferric salts 
disappear. I 2 oxidizes ¥e^+, and NO 3 - can be reduced to NH 4 + by 
Fe(OH) 2 ; the salts of silver, mercury, arsenic, bismuth, antimony, are 
reduced to the metallic state. Ferrous hydroxide absorbs oxygen rapidly. 
It oxidizes first to green, then to black (ferro-ferric hydroxides), then to the 
rust-red ferric hydroxide Fe(OH) 3 . 

In lON-NaOH FeOg^" oxidizes rapidly in the air, slowly in water 
with precipitation of Fe(FeO.,)o, black. Oxidants such as C10“ then give 
Fe(OH) 3 . 

(3) FeO^-- ^ 8 H+ T- 3c ^ Fe^-^ -f 4 H 2 O; > 1-9 volts at pB. 0 

and 0-G to 0-70 volt in very strongly alkaline solution (calculated poten- 
tials). The ferrates are strongly oxidizing, and so are unstable. We do not 
meet then in analysis. 

(4) Potential of Fe(C'J^),^-/Fe(CJ<)^^- (see p. 315). 

Detection of Fe^+ 

Thiocyanate. — Ferric salts give a red coloration with thiocyanates 
in acid solution by the formation of unstable complexes such as 
Fe(CNS)2+, Fe(CNS) 3 , Fe(CNS) 6 ^“. presence of numerous organic 

solvents the equilibria are displaced in favour of Pe(CNS )3 which is 
soluble in ether giving a red solution, and in benzyl alcohol giving a 
violet-red solution. 

Solution required , — Saturated solution of ammonium thiocyanate. 
Procedure . — Add 1 drop of reagent to 1 drop of the solution being ex- 
amined, using a test plate. 

Cofieentration limit. — 5.10”^ g.-ions of Fe^"^ per litre, or 3 p.p.m. 

If 1 drop of reagent is added to 10 drops of solution the colour is 
easier to observe: 10“^~5.10~® g.-ion of Fe^+ per litre. In more dilute 
solution, a pale pink colour comparable with that of the reagents 
themselves, particularly with that of ‘pure’ HCl, is obtained. 
Interfering substances. — ( 1 ) CNS~ is not basic, so that the test can be 
made in strong acid. Above pFL 2-3, Fe(OH )3 precipitates and the 
complex is destroyed. Hence it is essential to operate in strong acid. 

( 2 ) Oxidants can destroy CNS~. Hence an excess of reagent must 
be used. HNOg and cone. HNO 3 interfere, because the oxidation 
products of CNS~ are coloured. 

(3) The thiocyanate complexes of ferric iron are not of high 

stability so that even ions such as and Cl“, if present in large 

quantity, diminish the sensitivity of the reaction. Ions which form 
complexes with CNS“ such as Hg^^ must be counteracted by the 
addition of an excess of reagent. 

See below for the ions which give colorations. Those which give 
weak colorations only decrease the sensitivity if they are present in 
large quantity. 

Ti(IV), giving an orange colour, interferes when present in large 
quantity. Cu(II) is browm; add several drops of HSO3", but the red 
colour due to the Fe(III) then disappears slowdy due to reduction. In 
general, the colour due to Fe is so strong that it can be detected in the 
presence of that due to copper. However, if it is desired to demonstrate 
the presence of iron in the presence of a large amount of copper it is 
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best to proceed as follows: immediately after the addition of the 
bisulphite, add a little benzyl alcohol and shake. The ferric complex is 
extracted into the benzyl alcohol and is thus withdrawn from the 
reducing action of the sulphurous acid. 

VO 2+ gives a complex having a blue colour which is not soluble in 
benzyl alcohol. 

Ni2+ in large quantity gives a pale green coloration w^hich is not 
soluble in the organic solvent. 

Note, — In the presence of large quantities of interfering ions, it is better 
to search for iron with o-phenanthroline, page 167. 

Retnarks on reactions with CNS~. — Numerous ions give coloured com- 
plexes in acid solution. The concentration limits are indicated. The 
absence of a coloration indicates that all these ions are absent: Fe(III) 
red 5.10-5, Bi(III) golden yellow 2.10-^ U(VI) yellow 10-^, Co(II) blue 
2.10-2, v(IV) violet to blue lO'^; Ti(IV) orange 2.10-2, or S.IO'^ in 
alcohol, Cu(II) brown 2.10“^, Mo(IV) orange-red 10-^, Re(VII) orange- 
red 10-2 g. -ion /litre. Nearly all these complexes are soluble in the 
alcohols. Only the compounds with Fe(III), Ti(IV), Mo(VI), Co(II) and 
to a small extent Cu(II) are soluble in ether. The sensitivity of the 
reactions is increased by organic solvents. The precious metals also give 
colorations. 


Detection of Fe2+ 

Dimethylgly oxime. — In the presence of NHj, dime thylglyoxime 
gives a red coloration with ferrous ions due to the formation of a complex 
Fe(C4H7N202)2.2NH3. 

CHs— C=NOH 

I 

CHs— C=NOH 

Solutions required. — {a) 1 per cent alcoholic solution of dimethylglyoxime 
or an aqueous solution of the sodium salt. 

(&) Buffer solution: 


NHg 0*88 40 ml 

NH4CI 20 g 

Water 60 ml 


The DMG can be made up as a I per cent solution in the buffer. 

Procedure. — 1 drop of solution under examination is placed in a micro- 
centrifuge tube, 2 drops of the reagent added, followed by 2 drops of 
the buffer solution. Centrifuge if necessary, to see the coloration. 

Concentration limit . — 3 p.p.m. The limit is increased by atmospheric 
oxidation. 

Interfering substances. — Fe(III) precipitates and can carry down Fe(II) 
as Fe304. Complex it before the buffer solution is added with an excess 
of solid sodium fluoride. However, in the presence of F~ and Cu(II), 
Fe(II) partially disappears by reducing Cu(II). Apart from this, much 
Cu(II) interferes by the blue colour of its ammino complexes. Mn(II) in 
high concentration oxidizes in the air, giving the colloidal brown oxide. 

Co(II), in large quantities, interferes by its brown colour; more- 
over, it reduces Fe(III) in ammoniacal solution if not complexed. 



167 


Ammonia Group 

Note. — Ni(II) gives a characteristic red precipitate. Addition of a crystal 
of persulphate causes the red colour due to Fe(II) to disappear and the 
Ni compound is then more easily observed. 

o-phenanthroUne and 2,2'-dipyridyL — These two reagents give a 
very stable red complex with ferrous ions, containing three molecules of 
the reagent per Fe^+ ion. 


o-phenanthroline 2 , 2 ''-dip 3 Tidyl 

Solutions required.—'^ per cent aqueous solution of o-phenanthroline 
hydrochloride or a 2 per cent alcoholic solution of the base. 
Procedure. — xAdd 1 drop of the reagent to a not too acid drop of the 
solution on a test plate. 

Concentration limit. — 10”^ g.-ion of Fe^^ per litre, or 0*5 p.p.m. 
Interfering substances. — The reaction is practically specific. 

The colours of coloured ions can interfere if the latter are present 
in strong concentration: by diluting the solution before test, this sort 
of interference is in general avoided. Fe®+ should be complexed by the 
addition of a small amount of solid fluoride. 

Numerous ions take up the reagent on their own account (without 
giving a coloration). It is therefore necessary to add an excess. 

To detect Fe^^ at a concentration of 3.10“^ g.-ion/litre, in the 
presence of: 

0-5 g.-ion/litre of Cu(II) or Zn(n) • add 10 drops of reagent. 
» „ Co(II), Sb(III), Bi(in) „ 4 „ „ - 

„ » Cd(II) „ 3 „ 

» Hg(II), Ni(II) „ 2 „ 

Only Co^+ and diminish the sensitivity; Co^+ forms an orange 

complex w^hich reduces the sensitivity to 5 . 10 “^ g.-ion of Fe^^ per 
litre, and Cu^+ forms a brown complex which reduces it to 10 ”^ 
g.-ion/htre. CIO 4 “ precipitates red ferrous o-phenanthroline. Iridium 
gives a vermilion complex. 

Detection of — The reaction can be used after addition of a drop of 

bisulphite which reduces the ferric iron to the ferrous state. 

Note . — If neither of these two reagents is available, Fe^+ should be 
detected with dimethylglyoxime (p. 166). 

Fe(II) and Fe(III). Prussian blue.—The ferrocyanide ion gives with 
ferric ions a deep blue precipitate of ferric an dpoSiSumria^cvanide s 

slightly_soluble inao^sTit disappears in alkalmF^sotuS^TT^^ 

can be tomaliy'nepicted'thus: ' 

^ Fein[Feii(CN)6]~ 

Similarly ferricyanide ions give a blue precipitate with ferrous ions 
having very similar properties: 

Fe(CN)6^“ -f Fe2+ ^ 
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The redox equilibria: 

Fe(CN)62- -h Fe2+ - Fe(CN)64- + Fe3+ 
and Feiii(Fei^(CN)6)- ^ Feii(FeTii)(CN)6)- 

are set up, indicating that if we start at the same concentrations in either 
case, the final product will be the same, but the second equilibrium is 
established very slowly. 

The colour of the blue precipitate is very intense and specific. It can 
therefore be utilized. But numerous ferrocyanides are of low solubihty 
and coloured (see uranium, p. 183) and they considerably diminish the 
sensitivity of the reaction. 

Ferrous ferrocyanide has a low solubility, and is white; it oxidizes in 
the air to the blue ferric ferrocyanide. 

Ferric ferricyanide does not precipitate. 

CHROMIUM 
Cr = 52*0 

Oxidation numbers. — II in the ehromous salts; III in the chromic 
salts, which are the more important ones, and are similar to those of 
Al(III) and Fe(III); VI in the chromates and dichromates. 

Cr(II) 

The ehromous ions Cr^t- are blue. By increasing the pH, basic salts, 
white to blue in colour, are precipitated at around 6. The hydroxide 
develops rapidly, turning orange, brown, then black. 

Cr(OH)2 I Cr2+ + 20H- 17 

Ammine complexes are blue, not very stable in air. Cyanide complex 
stable around pH 5; the complex with CNS" is blue and unstable. 

An extremely powerful reductant, Cr^t-^ is hardly ever encountered in 
qualitative analysis. 


10 '^ 

s 


FIG. 42. APPARENT SOLUBILITY OF THE HYDROXIDES OF Cr(VI), 

Cr(III) AND Cr(II) AS A FUNCTION OF pH 

Cr(III) 

Chromic ions, Cr^-*- and CrOH^+, are violet, whilst Cr(OH )3 is grey. 
The latter precipitates from pH 4-6 (O-OIM). It redissolves at pH 13-'14 
giving green CrOjj-. By boiling the solution, Cr(OH) 3 , in a less soluble 
form, is totally precipitated. 
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Cr(OH)3 is often colloidal. It is flocculated when the hydroxides of 
iron and aluminium are precipitated, when these latter are present in 
large quantity. On the other hand, if Cr(OH)3 predominates the floccula- 
tion of the other hydroxides is retarded. 

Low- solubility compounds. — There are not many: greenish CrPO^, 
soluble in acetic acid; the anhydrous chloride and sulphate only dissolve 
at an infinitely slow rate. 

Complexes. — The chloride complexes are rather unstable. CrClg"^ 
and CrGP+ are green, CrSO^^, Cr(S04)2~, Cr(S04)3®~ are fairly stable; 
both acetates and the mauve ammines are destroyed on boiling their 
solutions; the oxalates, citrates, and cyanides are stable. Fluoride and 
thiocyanate complexes are also known. 

Equilibrium constants 


Cr3+ -f HoO ^ CrOH2+ + h+ 3*8; 4 0; 3-9 

CrOH2+ -i- h'o ^ Cr(OH)2+ + H+ 6*2 

Cr(OH)3 ^ ^ Cr3+ + SOH" 30*3 

Cr(OH)3 I ^ H^CrOg- -h H+ 15-16 

CrCl2+ + CrOH2+ + H+ + 201“ .... 5*7; 5*4 

CrClo+v^ Cr3+ + 2C1- l-9(?) 

Cr(CNS)63- - Cr(CNS)52+ + CNS-; pkg = - 1*6; - 0-7; 


pk4 = 0*3; pkg = 1*0; pkg = 1*7; 
^^ki = 3*1 (I = 0) 


Cr(VI) 

Its ability to exist in the state of oxidation VI puts chromium into 
the sixth group of the periodic table. It is similar in this state to V(V), 


Ya Via Vila 


V(V) Cr{VI) Mn(VII) 
Mo(VI) : 

\V(VI) i 
U(VI) 


The acidity and the oxidizing 
power increase in the direction 
of the arrows. 


The deep red CrOg is very soluble in water, less soluble in concen- 
trated sulphuric and perchloric acids. There are no cations containing 
Cr(VI). CrOsClg is a brownish red liquid, decomposed by water. Chromic 
acid is a strong acid in its first dissociation: pk^ — 9*7, pkj = 6*4. It also 
exists in the form of condensed ions, mainly CraO^^- (orange) and to a 
very small extent as CrgOio^" (red), (brown); is yellow. 

Many chromates have a low solubility. The least soluble are BaCr04, 
Hg2Cr04 (brick red), PbCr04 (yellow); these are still of low solubility at 
pH 4; Ag2Sr04 (brick red) dissolves in NHg and HNOg. The salts of 
Mg®+, Zn2+, Mn^+, Fe^t-, and the alkalis, are soluble. 

Coloured complexes CrO*+ and CtO^+ with hydrogen peroxide, 
soluble in ether. 
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Equilibrium constants 


H2Cr04^HCr04- + H+ . . . 

. 0-7 

HCr04~ ^ Cr042- + H+ . . . 

. 6-4 

Cr^O^S” + H2O ^ 2HCr04- 

. 1*8; 

CaCr04 1 ^ Ca2+ + Cr042- . . . 

- 0-2 

SrCr04 1 ^ Sr2+ + Cr042- . . . 

. 4*4 

FeCr04 | ^ Fe^^ + Cr042- . . . 

. 5*6 

AggCrgO; 1 ^ 2Ag+ + CrgO^s- . . 

6*7 

Hg2Cr04 1 Hgg^^ + Cr042- . . . 

. 8*7 

BaCr04 i ^ Ba2+ + Cr042- . . . 

9*7 

Ag2Cr04 1 ^ 2Ag+ + Cr042- . . . 

. 120; 

PbCr04 1 ^ Pb2+ + Cr042- . . . 

. 13*7 


Redox. — (1) Cr| ~ 2e^ Cr^+ Eq = — 0-56 volt. 

In 8N alkali we have 

Cr I + 40H- -2e^ CrOg^- + 2H2O E^ = - 1-00 volt 
(solution saturated with the hydroxide). 

The metal rapidly covers itself with a protective layer and becomes 
passive in nitric acid. HCl attacks it. 

(2) Cr2+ - e ^ Cr3+ Eg = ~ 0-41 volt. 

Formal potentials, — Wq — — 0*40 volt in 5N-HC1; E'q == — 0*37 volt 
in 0-2-1N.H2SO4. 

In acid solution, the chromous salts are strong reductants. They 
oxidize rapidly in the air. They react slowly with hydrogen ions: 

2Cr2+ 4 - 2Cr3+ + f 

a reaction which can be accelerated by many catalysts, such as platinum. 
They reduce practically all other systems: €104”, N03“"toNH4+, Sn^^ (to 
Sn); Cr^+ is reduced to Cr2+ by zinc amalgam or zinc alone in acid solution. 

In strong alkali, the hydroxide first oxidizes to a brownish black 
colour. 

(3) Cr(VI) -f 3c ^ Cr(III). 

In acid solution: 

CroO^^- + 14H+ 4- 6e ^ 2Cr3+ + THgO E^ = 1-36 volts (calculated) 
but the exchange of electrons is in general slow. 

In very acid solution, Cr^O^^” oxidizes fairly fast. 

Formal potentials, — E'q = 1*19 volts in N-HC104, 1*10 volts in 0-2N, 
1*06 volts in 0-1N-HC1O4. For Cr(VI) at 0-lN, E'q = 1-27 volts in 
N-HNO3; E'o = 1*07 volts in N-H2S04, 1*10 volts (2M), 1-30 volts (6M), 
1-34 volts (8 M); E'q — 0*99 to 1-09 volts in N-HCl, 1T5 volts (4N). 

The reaction is slow at pH 2, and is catalysed by Fe2+, HAsOg, as 
well as by and Fe(CN)6^~. At pH 4*5 it is in general very slow,* 
chromates are not reduced by the most powerful reductants. On the other 
hand, Cr^-J- is oxidized only very slowly in acid solution, and then only by 
the very powerful oxidizing agents, Mn04“ in excess and in the hot, for 
example; CrOg", on the other hand, which exists in alkaline solution, is 
oxidized more rapidly. 

CrOg- + 2H2O - 3e-~> Cr042 - + 4H+ Eq = ~ 012 volt (pH 14) 

Intermediate oxides of low solubility are formed: Cr(OH)Cr04 or 
Cr2(Cr04)3. 



Ammonia Group 171 

At pH < 1-3, iodine is oxidized by dichromates to iodate; at pH > 1*3, 
iodate is reduced to iodine by chromium salts. 



FIG. 43. — APPROXIMATE FORMAL REDOX POTENTIALS OF 
THE REDOX SYSTEMS OF CHROlVnUM 

In alkaline solution, Cr(III) is easily oxidized by chlorine, bromine, 
hydrogen peroxide, lead dioxide, sodium peroxide, and the persulphates. 
Above pH 4*5 chlorine oxidizes Cr^t-. 

Chromium sesquioxide is converted to a chromate by alkaline fusion. 
Cr(CN) 6 ^- - e^Cv{CN)^^- Eq = - 1*28 volts 

Detection 

Cr(III) is oxidized to Cr(VI), which is then detected. 

Oxidation in alkaline solution 
Solutions required. — Caustic soda 4N. 

Solid sodium or ammonium persulphate. 

Procedure . — ^Add 3 drops of 4N-NaOH and a crystal of persulphate to a 
drop of the solution in a microcone. Boil, centrifuge. 

A yellow coloration in the supernatant liquid is specific for the 
formation of chromate. 

Concentration limit. — 2.10“® g,-ion of Cr®+ per litre, or 100 p.p.m. 
Interfering substances. — If the caustic soda is too concentrated some 
Cu(II) or Cr(III) can pass into solution, giving colours which interfere. 
If this should occur, dilute, boil, and centrifuge again. 

A bulky precipitate of the hydroxide can adsorb considerable 
quantities of chromate and thus diminish the sensitivity. 

Ba®+ can precipitate as the chromate; Cr(III) can stiU be detected 
at a concentration of 10"® in the presence of Ba®+ at 0*1 g,-ion /litre. 

If Mn(II) and Ni(II) are present at the same time, the latter 
catalyses the oxidation of the former in alkaline solution and the 
violet colour of the permanganate appears. The solution should then 
be centrifuged, separated, acidified with 9 N-H 2 SO 4 and the Mn 04 " 
reduced with sodium nitrite (10 per cent) added drop by drop. The 
orange coloration of dichromate then appears. 




172 Qualiiative Inorganic Analysis 

Notes about oxidation by persulphates in alkaline solution . — The addition 
of caustic soda may throw down precipitates which it is useful to note. 
After boihng with persulphate, Mn(II), Ni(II), Co(II) are converted 
to peroxides which are brown to black. Ba(II) precipitates as the 
yellow chromate. 

Detection of small quantities. Diphenylcarbazide 

Reaction . — The inconvenience attending the above method of detecting 
Cr(III) as chromate can be avoided by redissoMng the precipitate in 
acid and detecting the chromate with diphenylcarbazide, -which the 
chromate oxidizes to give a violet coloration. 

Solution required . — 1 per cent alcoholic solution of diphenylcarbazide, 
freshly prepared (colourless or a very faint yellow). 

Procedure . — The solution obtained as described above (i.e. after oxidation 
with persulphate, etc.) is boiled for 30 seconds to destroy the excess 
of persulphate. Acidify with 2 drops of 9N-H2SO4. Cool. Add 1 drop 
of reagent. A violet coloration indicates the presence of chromium. 

Concentration limit — 4.10“^ g.-ion of per litre, or 2 p.p.m. 

Interfering substances. — Oxidants, including excess of dichromate, 
destroy the violet coloration. 

Fe(III) and Mo(VI) interfere, giving colorations of their own. In 
this case add a little solid sodium fluoride to complex these before 
adding the reagent. 

V(V) is the most troublesome. It gives an extremely sensitive red 
coloration. It should be separated with cupferron, which removes 
Fe(III) and Mo(IV) at the same time. 

Procedure . — See AP+, page 157. (Keep a little of this solution for the later 
detection of Al(III) and Ga(III).) 

Ni(II), Co(II), and Mn(II) are present as black peroxides which 
will not redissolve in acid solution. Centrifuge before adding the reagent. 

Notes . — The absence of a black precipitate shows the absence of the 
following quantities of: Ni(II) 2.10-3, Co(II) 2.10-3, Mn(II) 5.10-^ 
g.-ion /litre. The absence of a coloration with diphenylcarbazide shows 
the absence of V 10 *^ Fe(III) 2 . 10 - 3 , Mo(VI) 3 . 10-3 g.-ion/litre as 
well as the absence of Cr. 

RARE EARTHS 

This is a series of very similar elements whose separation is very difficult. 

Their atomic numbers range from 57 to 71. Scandium and yttrium are 
generally taken with the rare earths which they follow in the 
separations. The cations of the rare earths are not very acid. 
The hydroxides precipitate at jpH 6*8-8*5. Yttrium is very 
similar. Sc 3+ is more acid and resembles A13+ a little, whilst 
still remaining extremely similar to Y3+. 

The precipitation pH’s of the hydroxides in solution are: 
Sc, 61; Y, 7-0-7-8; Gd, 6*2; Lu, 6-0; Nd and Pr, 7-0-7-4; Yb, 
6-2~7*l; Dy, 7 0; La, 7-3-8-4; Ce, 7-1-7-4; Sm, 6*8 (O-OlM). 

Ce3+, Y3+, Sc3+, La3+ are colourless, Pr3+ is green, Nd3+ 
violet-pink, Er3+ pink, etc. 


Ilia 


A1 

Sc 

Y 
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Basic salts such as Sc(0H)2Cl can precipitate in concentrated solution* 
The oxalates have a low solubility in dilute acid. The fluorides are 
also of low solubility in acids. Some of the rare earths give low-solubility 
double sulphates with the alkali metals sulphates (the ‘ceric earths’). 

Complexes. — Numerous. Formed with tartrate, citrate, and other 
ions. 

Equilibrium constants 


M(0H)3 I ^ M3+ + gOH- . . . 19-^23 

Mo(C204)3 I ^ 2M3+ + 3C2O42- . . 24-28 

^2(0204)3 I ^ 2Y3+ + 3C2O42- . . 26-3 

802(0204)3 j, 2Sc3+ -f 3C0O42- . . 14-5 

mI(So03)3 J :=2M3+ + . . 8-6-11-3 


Redox. — The metals are strong reductants: — 1*5 to — 2*2 volts. In 
the II oxidation state the elements are almost as strongly reducing as in 
the metallic state; hence only a few elements are found in this state: 

Eu®+ -j- Eu2+ . . — 0*43 to — 0*49 volt 

Yb3+ + Yb2+ . . - 0*6 volt 

Sm®+ + Sm2+ . . — 0*8 „ 

None of the elements exists in any higher state of oxidation than III with 
the exception of cerium: Ce^+. The solid Pr02(Pr60n) is known: it is not 
very stable. 

PrOa I + 4H+ -f + 2H2 O Eq > - 1*6 volts 

Separation of the rare earths. — The rare earths are separated from 
other elements by the addition of oxalic acid in ^0*5N acid at 60°. The 
oxalates of the rare earths, of thorium and (partially) that of zirconium 
precipitate. 

Bi(III), Sb(III) can be precipitated under these conditions also. 

Concentration limit, — 5 . 10“^ g.-ion of rare earths per litre (500 p.p.m.). 
Procedure, — To 0*5 ml of solution as low in acidity as possible, add 
0*5 ml of N-HCl, and 0*5 ml of 10 per cent oxalic acid (saturated 
solution). Warm. 


CERIUM 


Ce = 140*1 

Among the rare earths this is the only element likely to be met with 
in analysis. It differs from the others mainly by being able to exist in the 
IV state of oxidation. 

Oxidation numbers. — III in the cerous salts; IV in the ceric salts 
which resemble those of Th(IV), Ti(IV), Zr(IV), Pb(IV), and U(IV). 

Ce(III). — Cerous salts. — Ce^+ is colourless and a weak acid. 
Ce(OH)3 precipitates above pH 7*1 (0*01M). The solubility of the oxalate 
and the fluoride in dilute acids is low. Ce02 is obtained by igniting the 
oxalate. 

Complexes with citrate and tartrate ions, etc., are formed. 
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Equilibrium constants 


Ce(OH)3 I 
Ce(C204)3 ^ 

Ce(C204)3 j 

CeS03+ 
CePO^ I 
CeP^O^- 


Ce3+ + 30H~ 

2 Ce 3 -^ + 3C2O42- .... 

Ce(C204)2" + C2O42-; pkg = 0*8; 

Ce3+ + SOgS- 

Ce 3 + -h PO43- 

Ce 3 + + P2O74- 


. . . 21 •8-22*7 

22*7 

pkg == 4*0; pki — 6*5 
. . . 8-0 

. . . 18-5 

. . . 7-1 


Ce(IV). — Ceric salts. — The yellow CeOH^^ and the orange 
Ce(OH)2^'^ cations are formed. Ce(OH)4 comes down as a light yellow 
precipitate at pH 0*8 (M-S042~). The precipitate develops rapidly. 
x4mmonia, caustic soda, salts of weak acids precipitate this hydroxide. 
After ignition, CeOo is very little soluble in HCl, but is soluble in hot 
concentrated sulphuric acid. 

The phosphate is even less soluble than the hydroxide. Complexes are 
formed with Cl~, S04^~, NOg”, and Ci04”. Orange complexes are formed 
with hydrogen peroxide, Ce(0H)3.H02; these are stable in neutral or 
alkahne solution. Very stable tartrate complexes are known. 

Ceric oxalate is soluble in an excess of oxalic acid. The complex is 
gradually destroyed by redox, €62(0204)3 precipitates. 


Equilibrium constants 

Ce(OH)3+ 4- H2O ^ Ce(OH)22+ + H+ 0-2 

Ce(OH)4 4, ^ Ce^+ + 40H- 54-8 

CeS042+ ^ Ce"+ + SO42- 3-4 

Redox 

Ce \ — 2e^ Ce^+ Eq = — 1-68 volts 
Ce2+ - Ce3+ Eo = - 1*6 

The element is thus not detectable in the II state of oxidation. 

Ce(OH)s+ + H+ + Ce3+ + HgO Eo = 1-71 volts 

The formal potential is modified by the 
formation of complexes. 

In sulphuric acid the hydroxide Ce(OH)4 
precipitates above pH 0*8 (O-OIM solution 
of a ceric salt), and the oxidizing power then 
rapidly falls. Ce(OH)3 oxidizes rapidly in 
the air in alkaline solution yielding Ce(OH)4. 
In acid solution, Ce®+ is oxidized by 
sodium bismuthate, and by SgOg^” + Ag+ 
in the hot. Ce (IV) oxidizes Fe^+j Fe(CN)e4-j 
I“, HgS, SOg, HN3,(C00H)2, HgOg, concentrated HCl, etc. 

H2O2 reduces Ce(IV) in acid solution to Ce(OH)3. Ignition of Ce(OH)3 
in air yields CeOg. 

Detection 

(1) Ferrous o-phenanthroline. — This is a redox indicator which 
changes from red to pale blue in strongly oxidizing solution, 1*1 volts. 
Only very powerful oxidants, like Ce(IV), are able to make it change 
colour. Usually, Ce is present as Ce(III), and so must be oxidized at the 


Solution 

E'o formal 
(volts) 

9 N-HCIO 4 

1*90 

i N-HCIO 4 

1*70 

1 N-HNOg 

1-61 

M-H 2 SO 4 

1-44 

1 N-HCl 

1*28 
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start with persulphate in the presence of Ag+ ions, the excess of per- 
sulphate being then destroyed by boiling. Ce(IV) is then detected by its 
ability to oxidize ferrous o-phenanthroline. 

Solutions and materials required. — Pure ammonium persulphate (solid). 
25 per cent AgNOg (aqueous). 

Ferrous o-phenanthroline 10”^M obtained by dilution of the 
normal 0-025M solution prepared thus: 


FeS04.7H20 0-7 g 

o-phenanthroline 1*5 g 

Water 100 ml 


Procedure. — Add 1 drop of the silver nitrate to 1 drop of the solution 
being examined, so as to precipitate any chlorides and still have an 
excess of silver to catalyse the oxidation with persulphate. If the 
solution contains much chloride, the major part can conveniently be 
removed preliminarily by boiling after the addition of 2 drops of 
sulphuric acid. Add a crystal of persulphate, bring to the boil, and 
carry on the boiling for a minute to destroy the excess of persulphate. 
Cool. Add 1 drop of the reagent. The solution will become red if no 
Ce(IV) is present. If it is present, the reagent is oxidized and becomes 
colourless. 

Concentration limit and interferences. — 10”^ g.-ion/htre of cerium (15 
p.p.m.) can be detected if 10“^M ferrous o-phenanthroline is used. 
If the solution contains other coloured ions, the sensitivity decreases 
and it is then better to use a more concentrated indicator. 

The reaction is specific within the rare earth group. Sufficiently 
powerful oxidants give the same reaction. These are: Mn(VII), V(V) 
at a concentration above 0*05M. 

(2) N-phenylanthranilic acid: the procedure is the same. 

Solution required. — Sodium N-phenylanthranilate in concentration of 
about 10 mg/litre. 

Procedure. — Carry out the oxidation as in the preceding case in a small 
test-tube. Finally add 1 drop of the reagent. The solution becomes 
purple in the presence of Ce(IV). 

Concentration limit and interfering substances. — 10”^*® g.-ion of Ce^~^ per 
litre (5 p.p.m.) can be detected. Strongly coloured ions diminish the 
sensitivity, and once again it is then a good idea to use more concen- 
trated reagent. 

The reaction is specific within the rare earth group. 

Sufficiently powerful oxidants give the same reaction. These are: 
Mn(VII), V(V) at a concentration greater than IQ-^ and Cr(VI) at 
above 10"^* this latter acts slowly (but the reaction is catalysed) 
by Fe3+, Au(III), cone. HNOg. The metals of the platinum group 
interfere. 

Detection of cerium in the presence of manganese. — In the 
presence of manganese it is impossible to detect cerium by oxidation 
in acid solution; the following method should be used. After oxidizing 
the alkaline solution with persulphate in order to detect chloride, the 
solution is centrifuged and separated. The precipitate, which contains 



176 Qualitative Ino7'ganic Analysis 

Ce(0H)4, is redissolved in 9N-H2SO4. Ce(IV) is then characterized in 
this precipitate as shown on page 174 . 

Concentration limit , — 20 p.p.ni. 

Interfering substances . — The reaction is specific. 

Separation of cerium from other rare earths. — The solution is 
adjusted to have a pH between 1*5 and 6*0, and the cerium is converted 
to the IV oxidation state. Under these conditions Ce(OH)4 precipitates. 
Ho%vever, it can be characterized by the methods already referred to 
without making any separation. 


Ti(IV), 

Zr(IV), 

IY« , 

Ya ' 

c(iv) ; 


Si(IV) ! 

\ 

Ti(IV) 

i 

Zr(IV) 1 

Nb(V) 1 

Hf(IV) i 

Ta(V) i 

Th(IV) i 

I 



TITANIUM— ZIRCONIUM— THORIUM 

Ti(IV), Zr(IV), Th(IV) have properties fairly close to one another 
and they resemble Ce(IV), Si(IV), Sn(IV), Pb(IV), 
U(IV). ‘ 

The cations are very acid, and colourless. The 
very low solubility hydroxides exist over a con- 
siderable range of pH. 

The anions are not of much importance in 
analysis. The hydroxides age rapidly and become 
I Ta(V) i less soluble. 

Complexes. — Ti(IV) and Zr(IV) give com- 
plexes with Cl~, SO42-, which are fairly stable; 
those with fluoride and oxalate ions are quite stable. They are thus very 

similar to Sn(IV). The solubility of 
ThF4 is very low, like that of CeF4 and 
UF4. The oxalate complex of thorium 
is destroyed at pH < 2 and the low- 
solubility oxalate is throwm dowm, which 
is a behaviour similar to that of the rare 
earths. 

Th(IV) has numerous low-solubility 
compounds. 

States of oxidation. — In general, 
there is only one stable one: IV. How- 
ever, titanium can exist in the HI and 
even the II oxidation state. 



2 4 6 8 10 !2 14 pH 
FIG. 44 . — APPARENT SOLUBIL- 
ITY OF THE HYDROXIDES 
OF Ti(IV), Zr(IV) AND 
Th(IV) AS A FUNCTION OF 

pH 


TITANIUM 
Ti = 47*9 

Oxidation number. — II is of little importance. Ill — in this 
titanium is similar to Fe(III) and Al(III). IV — compounds of titanium in 
this state are stable in air. 

Ti(III). — Titanous (Ti®+) and titanyl (TiO+) salts. The cation is 
violet, and acid, similar to Fe^-t. Ti(OH)3, is a violet-black precipitate 
w^hich comes down at pH’s above 3 . 

Oxalate, tartrate, and thiocyanate, etc., complexes are known. 

Ti(OH)3 4, ^ Ti 3 + + 30 H- 35 

Ti(IV).— Titanic salts.— In N-HCIO4 or N-HNO3, Ti(IV) does not 
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exist in solution except as a low concentration of TiOH+ and TiO^+. In 
HCl or H 2 SO 4 colourless complexes are form ed. The white hydroxide 
precipitates in N-C1~ at pH 0*7{0*01M). 

On boihng, the hydroxide ages rapidly and becomes still less soluble. 
It is very slightly amphoteric. It dissolves in cold potash and slightly in 
alkali carbonates. In the hot, or on dilution, low-solubility alkali titanates 
are obtained. These compounds can also be formed by fusion with alkali 
carbonates. TiCl 4 boils at 135° C. 

Low- solubility compounds. — Ti( 0 H)P 04 , not much soluble at 
pH 3. The ferrocyanide, orange-brown. Tannin gives an orange compound 
of very small solubility. 

Complexes. — Very stable citrate and tartrate complexes, from 
wliich NHg does not precipitate the hydroxide. Low-stability carbonate 
complexes. There is also a titanicyanide ion Ti(CN) 6 -~. 

Orange complexes are formed with hydrogen peroxide. After attack 
by molten NagOa a colourless complex is obtained which turns orange in 
acid solution. Fluoride complexes, destroyed by prolonged boiling, with 
oxidants such as Mn 04 “'. Phosphate ions do not destroy them (differences 
from Zr(IV) ). 

H2Ti03^Ti02+ + 20H- . . . ^ 30 

Redox ( 1 ) TiO+ -|- 2H+ + H^O . - 0*37 volt 

in 0‘05N-HC1. Ti-+ is oxidized by air. 

( 2 ) TiO(OH)+ + H+ + TiO+ -f H 2 O Eo = 0-03 volt 

Formal potential: 0*03 volt in N-HCl. The reaction is slow. The system 
is strongly reducing. Ti(III) salts reduce Fe®+, NOg", CiOg”, € 104 “ in the 
hot. They oxidize rapidly in the air. Ti(IV) salts are reduced by hydro- 
sulphites, by Zn, Cd, Sn, in acid solution, but not by or HoS. 

Detection 

Hydrogen peroxide. — In acid or neutral solution, hydrogen 
peroxide gives orange- coloured complexes. 

Solution required. — 5 voL HgOg- 

Procedure. — Add a drop of the H 2 O 2 to a drop of the solution. 
Concentration limit. — 5.10"^ g.-ion of Ti per litre (or 30 p.p.m.). 
Interfering substances. — ( 1 ) In alkaline solution the orange colour dis- 
appears, as a result of the formation of colourless complexes. 

( 2 ) Powerful oxidants like Ce(IV) in acid solution oxidize HgOg, 
whence the need for an excess. The same thing applies with powerful 
reductants. Fe^^ is oxidized to ¥e^+ by hydrogen peroxide, causing a 
change of colour of the same kind, but weaker. Much Fe®+ can inter- 
fere on account of its own colour. In these eases, add 1 or 2 drops 
of phosphoric acid to complex the Fe^+. 

( 3 ) A certain number of ions give weak yellow to orange colora- 
tions: Nb(V), Mo(VI), W(VI), etc, 

V(IV) and V(V) give a coloration which is similar and just as 
intense. 

Detection of titanium in the presence of vanadium. — Titanium 
can be precipitated in very dilute acid as the arsenate, in the presence of 
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zirconium which induces the precipitation. In this manner it is separated 
from all the interfering ions, and the reaction with hydrogen peroxide can 
then be carried out on the precipitate. 

Solutions required , — 1 per cent aqueous solution of zirconyl chloride free 
from titanium. 

Arsenic acid 20 per cent aqueous solution 

4N-HC1 

Procedure , — To 5 drops of the solution add 1 drop of 4N-HC1, then 1 drop 
of arsenic acid and 1 drop of Zr(IV). Boil. Centrifuge. Wash twice by 
centrifuging with 2 drops of water, 1 drop of 4N-HC1 and 1 drop 
of arsenic acid. Take up the precipitate with 1 drop of 4 N-H 2 SO 4 . 
With a pipette, transfer to a test plate and add 1 drop of hydrogen 
peroxide. 

An orange coloration which disappears when fluoride is added 
indicates the presence of titanium. 

ZIRCONIUM 
Zr = 91-2 

Oxidation number. — IV. 

Influence of pH. — Colourless cations: Zr^+ in > 2 N-HC 104 , Zr(OH)2+ 
up to pH 0-7, thereafter Zr(OH) 2 ^+. 

At pH 2 (O-OIM) in HCl the white Zr(OH )4 precipitates. It can 
remain in colloidal solution. It is practically insoluble in alkaline solution. 
Low-solubility alkali zirconates do exist; they are destroyed by heat. The 
hydroxide develops and its solubility becomes extremely low in the 
process, even in concentrated HCl. 

Low- solubility compounds. — These are numerous: the phosphate 
ZrH 2 (P 04 ) 2 , the arsenate, the compounds with arsonic acids are all of 
low solubility in dilute acids. Zr{ 103)2 is soluble in hot dilute HCl. 

Complexes. — ZrO^^ and Zr^+ give numerous complexes: sulphate, 
relatively stable, cliloride rather unstable, fluoride and oxalate very 
stable (difference from Th(IV) and Ce(IV) of which the corresponding 
compounds precipitate in dilute acid). With CO 3 ^™ very unstable com- 
plexes are formed. After attack by molten NagCOg, ZrOg remains 
insoluble after boiling. 

A white complex ZrgO^ is formed with hydrogen peroxide. This is of 
low solubility in dilute acid; complexes are formed which are soluble in 
alkalis. Complexes are also formed with polyalcohols. 


Equilibrium constants 

ZrOH3+ + HgO^ Zr(OH)22-i- -f H+ 0*7 (I = 2) 

HsZrOg ^ ^ Zr02+ + 20H- --26 

H2Zr03 j ^ HZrOs" + H+ -18 

Zr(S04)32“ + H+^ Zr(S04)2 + HSO4- 0-0 

Zr(S04)2 + H+^ ZrS042+ + HSO4- 1*7 

ZrS042+ + H+ ^ Zr^+ + HSO4-' 2-7 

ZrEg^ ZrF2^+ + F~; pkg = 6-0; pkg = 7-5; pk^ = 9-0 

ZrCP+ Zr4+ 4- Cl- “ . , 0-3 

ZrN033+- Zr^+ + NOa” 0*3 
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Detection 

Alizarin. — Zirconium hydroxide gives, with, numerous reagents, 
adsorption compounds which are coloured or fluorescent, and stable in 
dilute acid, enabling the reaction to be made selective or even specific. 
Alizarin S and alizarin give red colorations in strong acid. 

Solution required, — N/1000 aqueous alizarin S. 

Procedure, — Add 1 drop of reagent to 1 drop of solution, strongly acidified 
with HCl. 

Concentration Imiit, — g. -ion /litre of Zr (10-100 p.p.m.). 
Interfering substances, — (1) The majority of ions which give a similar 
reaction do not react in strongly acid solution. 

In a solution which is not very strongly acid, Ti(IV) gives an 
orange-red coloration. Even in cone. HCl, Ti(IV) gives an orange 
coloration in 0*1 g. -ion /litre concentration, but at 0*01 concentration, 
there is no longer any coloration. If much Ti(IV) is present, it is 
therefore advisable to dilute the solution suitably with cone. HCl. 
When the HCl concentration is high enough, Th(IV) no longer 
interferes. 

(2) Powerful oxidants destroy the coloration. 

(3) 804^", which slightly complexes Zr(IV), diminishes the sensi- 
tivity. Ions noted for their ability to form complexes, such as F“* and 
C2042“, should not be present. 

(4) Ions which precipitate Zr(IV): phosphates, arsenates, etc., 
interfere. Co^+ intrudes its own colour and so interferes. Sb(III), 
Mo(VI), W(VI) interfere. 

Morin. — This reagent gives a green fluorescence even in lON-HCl 
(see Al, p. 158). 

Solutions required. — 0-001 per cent solution of morin in alcohol. 12N-HC1. 
Procedure, — To 1 drop of solution, add 1 drop of reagent and 5 drops of 
the concentrated acid. Examine in U.V. light. 

Concentration limit, — About 10“^ g. -ion/litre (10 p.p.m.). 

Interfering substances, — No other ion gives a fluorescence under these 
conditions. The fluorescence is inhibited by ions which are coloured 
red and yellow in lON-HCl, and also by those which oxidize the 
reagent: Cu^+j Fe^+, V(V) and Cr(VI), the precious metals, gold and 
the platinum group metals. 864^^ diminishes the sensitivity, H3PO4 
interferes by precipitation of Zr(IV). Th(IV), Sb(III), Sb(V) give a 
brown coloration which gradually disappears. Ce(IV) is reduced by 
H2O2 and does not interfere. Sn(IV) gives no reaction in hot 2H-NC1. 

Zirconium gives compounds which are of low solubility in very 
weak acid: phosphates, arsenates, phenylarsonates. The azophenyl- 
arsonic derivatives are coloured, and the reaction is then very 
sensitive. 

p-Dimethylaminoazophenylar sonic acid. — A red-brown pre- 
cipitate is obtained with Zr(IV), even in 2N-HC1. 

Solution required, — 2 per cent solution of the above acid in lON-HCl, 
Procedure, — ^To 1 drop of reagent add 1 drop of the test solution. 
Concentration limit, — 2.10~* g.-ion/litre (20 p.p.m.). 

13 
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Interfering substances. — Ti(IV), Mo(VI) give an analogous reaction, but, 
in the presence of concentrated hydrogen peroxide (1 drop of 100 voL), 
complexes are produced of sufficient stability to inhibit the reaction. 

Titanium and zirconium in the course of analysis. — At the com- 
mencement of an analysis, ZrO^ and TiOg are frequently left behind 
along with SiOg among the insolubles. They are then insoluble in 
3-^N-HCi. If they are treated with 2N-HC1, they can partially dis- 
solve. The fresh hydroxides are soluble in H0SO4 > 2N. The best 
procedure for getting them into solution is to attack them with fused 
K2S2O7 and to extract the fused mass %vith 9N-H2SO4 in the cold 
(see p. 340). From natural products, ZrOg is more easily brought into 
solution by attack with a mixture of 3*4 g of NagCOg -f KgCOg and 
2*3 g of borax. Boil -with 10 per cent NaOH, and filter. Take up with 
12N-H2SO4 and HgOg. Carry out the test for zirconium by adding 
phosphate. 

HAFNIUM 
Hf = 178-6 

Very similar to zirconium, which it always accompanies, though in 
small quantities (1-2-5 per cent). 

THORIUM 
Th = 232-1 

State of oxidation. — IV. 

Hydroxide. — ^White Th(OH)4 or HgThOg, colloidal. It commences 
to precipitate at pH 3 (0-01 M). The precipitation is total at around 
pH 6-0. Th^+ is colourless. 

Salts of lowr solubility in acid solution. — The double sulphate with 
K+. The oxalate is of low solubility in strong acid (similarity with the rare 
earths). ThF4 or Th(ThF8), Th( 103)2 have low solubility in dilute HNO3. 
The hypophosphate ThPgOg is of low solubility in cone. HCl. ThPaO,, 
Th(Fe(CN)g) are of low solubility in dilute acid. The phosphate pre- 
cipitates at pH 2*7: Th3(P04)4. 

Complexes. — With oxalate ion: the complex is destroyed in dilute 
acid, the oxalate itself being reprecipitated. The oxalate is thus soluble 
in solutions of the alkali oxalates — a reaction similar to that with 
Zr^+, but this latter complex is not destroyed by acids (separation of 
Zr — Th — rare earths). Complexes are formed with hydroxylated organic 
acids. Th(C03)®“ is not precipitated by ammonia. With HgOg, a complex 
which has a low solubility in acids is formed. 

Equilibrium constants 

Th(OH)4 4. ^ Th4+ + 40H“ 

ThNOg^^ ^ Th4+ + NOg- 

ThCP+ ^ Th4+ -f Cl- 

ThF4| ^Th^+ 4- 4F- 

ThF3+ ^ ThF2^+ + F“; pkg = 4-7; pkg 

Th(I03)4 I ^ Th^+ + 4IO3- 

Th(I03)4 I ^ Th(I03)3+ + IO3- .... 


. 46 

0-7 (I = 0-5) 

0-25 (I = 0-5) 

. 28-1; 27-4 for I = 0-5 

= 6-1; pki = 7-8 (I = 0-5) 
. 14-6 (I 0*.1) 

7-5 
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NIOBIUM (COLUMBIUM) anb TANTALUM 
Nb = 92*9; Ta = 180-9 

State of oxidation. — V is the basic one. Nb(III) compounds are 
known. The elements are very similar to one another, and are rather hard 
to separate because they have no marked chemical characteristics. 

Hydroxides. — These are of low solubility at any rate over the range 
pH 0-14, but they can remain at least partially in colloidal solution under 
many conditions. The presence of other hydroxides which easily become 
colloidal, mainly those of Ti(IV) and Si(IV), favours their conversion to 
the colloidal condition; NHg and NH 4 + can flocculate them, as also can 
gelatine at the boil. 

Complexes. — Nb(V) and Ta(V) are 
thus present in solution almost entirely 
in the state of complexes — ^fluorides, 
oxyfiuorides, tartrates, oxalates, those 
with hydrogen peroxide, CNS"*, poly- 
alcohols, etc. The oxalate complexes of 
Nb(V) are more stable than those of 
Ta{V); tantalum hydroxide partially 
precipitates in ammonia (difference 
from Nb). Tannin totally precipitates 
tantalum at pH 4 in oxalic acid solu- 
tion as a yellow compoxmd; niobium 
(orange precipitate) comes down at pH 4-6. The tartrate complexes are 
more stable. 

Low- solubility compounds. — Cupferron, and arsonie acids, pre- 
cipitate Nb(V) and Ta(V) in dilute acid, the first even in the presence of 
tartrate ions. 

Redox. — ( 1 ) The metals are not attacked by strong acids and not 
even by aqua regia (passive). Tantalum is attacked by HF wi^^ 
formation of complexes. 

(2) Nb03+ + 2H+ -t- 2 e^ Nb3+ + H^O Eo = - 0-34 volt 
Nb®+ is blue-black. 

URANIUM 
U = 238-1 

Uranium differs from the other elements of the ammonia group. Some 
of its compounds are less soluble than the hydroxide, in particular the 
sulphide. 

States of oxidation. — III, IV in which U is similar to Tli(IV); in the 
V state there is almost complete disproportionation. The uranyl salts and 
the uranates contain U(VI). U is most frequently encountered in this 
latter state. 

XJ(III). — ^U^+ cations are pinkish-purple. U(OH )3 is brown* 

U(III) is oxidized rapidly in the air. 



FIG. 45. APPARENT SOLUBIL- 

ITY OF Nb(V) AND Ta(V) 
AS A FUNCTION OF pH 
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U(IV) 

The uranous cations are green, (U^+). In weak acid solution, basic 
cations UOH®+ are formed which polymerize slowly. Fairly stable in the 
air. U(0H)4 is green. 

Low- solubility compounds and complexes are similar to those of 
Th(IV). UF4 has a low solubility in dilute mineral acid; the same is true 
of the oxalate and the phosphate; phosphate and oxalate complexes are 
formed in less acid solution. 

Equilibrium constants 

U4+ + -f 1-5 (I - 0-5); 0-7(1= 0) 

UCP+ - U4+ + Cl- - 0-8 for I = 0 

U(V). — XJO2+ is not very stable. It disproportionates into U(IV) and 
L'(VI). In alkaline solution it yields anions. 

UO2+ + H2O ^ UO2OH + H+ .... 8 

2UO2+ + 4H+^U0 22+ + U4+ + 2H2O . . -6 

U(VI) 

In acid solution, the cations are present. At pH 2-3 various 

condensed basic ions are formed. The hydroxide precipitates above pH 
3-8; the precipitation becomes practically quantitative at pH 5*3. The 
hydroxide can remain in colloidal solution up to pH 7. UO3 is orange. 
The cations TJOgOH+j and UO2NO3+ are yellow with a green 

fluorescence. 

The precipitation of the hydroxide is, in general, accompanied by the 
precipitation of yellow alkali uranates and polyuranates of low solubility: 
Na2U04, NagUgO^, etc. When a uranyl salt is neutralized in solution, in 
general a yellow precipitate of an alkali uranate is formed. 

Complexes. — Soluble orange anions are formed with hydrogen 
peroxide; UO4.2H2O2 is not very soluble, but dissolves in strong acid 
solution. Low-stability oxalate complexes are formed, and stable citrate 
and tartrate ones; the low-stability fluoride and carbonate complexes are 
destroyed at pH <7 or >12. Fairly stable complexes with V(V) are 
known. 

Low- solubility compounds.— The brown sulphide, UO2S, is soluble 
in dilute acid. The yellow phosphate does not dissolve appreciablv at 
2. The solubility of the brownish-red uranyl ferrocyanide is very low. 

Equilibrium constants 

UO22+ -I- H2O ^ UO2OH+ + H+ . . . . 4-8 

2UO22+ + (U02).0H3+ -f H+ . . . 2-5 

U02C1+^ UO22+ + Cl- ~ 0-4 (I = 0) 

UO2SO4 + HSO4- . . . . _ 0-7 

U02N03+^ UO22+ -f- NO3- . . . . + 0-7; 0-6 for I = 7 

U02(C204)2^-^U02C204 +C2O42- . . . M 

U02(C204) I ^ UO22+ -I- C2O42- .... 5-8 

Kedox 
(1) 

( 2 ) 


U I - 3e^ Eo = - 1*7 volt 

- e ^ Eo == - 0*63 volt 
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Practically the same values apply for the formal potentials in 
N-HC 104 and N-HCl; — 0*85 volt in N-H 2 SO 4 . The exchange of electrons 
is in general rapid in both directions. is a strong reductant and 

oxidizes rapidly in air to The hydroxide U(OH )3 reduces H+. 

XJ^+ is partially reduced to by powerful reductants like zinc, zinc 
amalgam, etc.; is reduced at the same time. 

(3) U4+ + 4 H 2 O - UO 2 + -f 4H+ slow 

UO 2 + - rapid 

U4+ 4 . 4 H 2 O ~ 2e^ UO 22 + + 4H+ 

Electron exchange is in general slow. Eq = 0*31 volt. is fairly 
stable in air. It is oxidized by 1 2 , Fe®+, and powerful oxidizing agents. 

Detection 

Ferrocyanide. — Brown uranyl ferrocyanide is precipitated. 

Solution required , — Potassium ferrocyanide, 10 per cent. 

Procedure . — Add 1 drop of the reagent to 1 drop of the solution on a test 
plate. 

Concentration limit. — 5.10“^ g.-ion of per litre (100 p.p.m.). 

Interfering substances . — Numerous ions give coloured ferrocyanides of low 
solubility. The most troublesome are Fe®+, which gives prussian blue, 
and Cu^^", which also gives a brown ferrocyanide. These should be 
reduced before carrying out the test by the addition of a drop of 
15 per cent iodide, then a drop of thiosulphate (15 per cent) in order 
to remove the iodine liberated. 

In the majority of cases, it is necessary to separate a large number 
of ions by neutralization, followed by the addition of carbonate in 
excess, whereby the uranium is kept in solution as a carbonate com- 
plex. To 1 drop of solution, add 3 drops of sodium carbonate (20 per 
cent) and boil for a minute. Centrifuge. Remove 1 drop of the solution. 
Add 1 drop of 4N-HC1 to it and proceed as before. The sensitivity may 
then be very much smaller. 

Mo(VI) and Ti(IV) give brown precipitates. 

Remarks about reactions with ferrocyanide . — Nearly all the ferro- 
cyanides are of low solubility: Fe(III) blue; Cu(II) brown; Pb(II) white; 
Th(IV) white; Ni(II) green; Co(II) greyish green; Zn(II) white; Mn(II) 
white; Cd(II) white; VO 2 ^+ green; Ag+ white; Hg^^ white; Hg 2 ®+ white. 

TRANSURANIUM ELEMENTS 

These are: Neptunium Np, Plutonium Pu, Americium Am, Curium 
Cm, Berkelium Bk, Californium Cf. They are very similar to Uranium, 
and form a homogeneous group with it. 

At pH = 0 the cations M 02 ^+, MO 2 +, M^^ 

are formed from neptunium and plutonium. 
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GALLIUM-INDIUM— THALLIUM 
Ga = 69*7; In = 114*8; T1 = 204*4 

They are allied to the ammonia group by the properties of their 
trivalent hydroxides, but are distinguished from it in particular by the 
properties of their sulphides. 

They appear in column III6 of the periodic classification and have 
sulphides of low solubility, like the majority of elements in the h sub- 
groups. 

Thallium will be studied with silver, which it resembles when its 
oxidation number is I. 


I 

III6 

IVb 

I Zn(II) 

Ga(III) i 

Ge(IV) 

; Cd(II) 

In(III) . 

Sn(IV) 

i Hg(n) 

Ti(ni) 

Pb(IV) 


The cations increase in acidity in the direction of the arrow. TP+ is 
acid, more so than Hg2+ and less so than Pb^+'. 

TI( 0 H) 3 , of very low^ solubility, is not amphoteric. 

In3+, more acid than Cd2+ which it resembles, has an amphoteric 
hydroxide. 

Ga^+, more acid than In^^, lies between Zn^^ and Ge^+; all three 
yield anions. Ga^^ is analogous to Zn^^. 

In the vertical direction, the rule does not apply: TP+ is the most acid 
of the three. 

Notes . — The analogies are more marked between Zn(II) and Cd(II) — 
Ga(III) and In(III)— Ge(IV) and Sn{IV) 


Oxidation state 1+ 


III6 

IV6 

In(I) 

Sn(II) 

Ga(I) 

Ge(II) 

T1(I) 

Pb(II) 


Same rules as before. T1+ is neutral and resembles the alkalis. is 
not very acid. 

Redox 

^ 



Zn2+/Zn i 

- 0*76 volt 1 

Ga3+/Ga+ 

Ge^+/Ge^+ i 


Cd2+/Cd 1 i 

— 0-40 volt 1 

In3+/In+ 

Sn«+/Sn2+ 

1 4- 0*15 volt 

\f ‘ 

Hg=+/Hg 1 

TP+/T1+ 

! Pb4+/Pb2+ 

f 

+ 0-85 volt 

4- 1*28 volts 

1 4-1*75 volts ; 


The potential increases in the direction of the arrows. 
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GALLIUM 

Similar to and also to Zn2+, 

Oxidation numbers. — III in solution; anhydrous compounds in 
which it is II and I are known. The metal melts at 29 ° C. 

Ga®+ is a colourless cation. The white hydroxide precipitates at pH 
2-5 (O-OIM) and redissolves, when it is not in the aged condition, at 
about pH 9-7, thus in ammonia and also ammonium carbonate. Boiling 
precipitates it in a less soluble form. 

In fairly concentrated solution, basic salts precipitate. 

The ferrocyanide is white, and its solubility is low. Ga 2 S 3 is of low solu- 
bility, and easily transforms into Ga(OH) 3 . GaClg is volatile above 200°. 

Ga(III) can be extracted by ether from fairly concentrated HCl. 
Gallium oxinate is extracted by chloroform above pH 2-0. The chloro- 
form solution is fluorescent. 


Equilibrium constants 

Ga3+ 4- HgO ^ GaOH2+ -f H+ . . . . 2*6^-6 

GaOH2+ ^ GaO+ -j- H+ 3*2 

Ga(OH) 3 ^ ^Ga3+ + 30H- .... 35-a6*5 
Ga(OH)3| ^HsGaOa" 4- H+ . . . 11*7-15 

H2Ga03-^HGa032-4- H+ .... 10*3 
HGaOs^- ^ GaOs^- + H+ .... 11*7 
Ga oxineg ^ ^ Ga3+ 3 oxine“ . . . 40*8 


Redox 

Ga3+ -{- ^ Ga ^ Eq - 0*52 to - 0*69 volt 

Detection of gallium. — (1) Chrome blue (see p. 158) gives a 
sensitive and selective reaction. For the characterization of Ga in the 
presence of Al^+ the separation can be effected either with ether from 
HCl, or by extracting the oxinate 'with chloroform. 

10 -^ 

s 


FIG. 46. — APPARENT SOLUBILITY OF Ga(III) AND In(III) 
HYDROXIDES AS A FUNCTION OF pH 

(2) Gallium oxinate in chloroform solution is fluorescent. Com- 
pounds of Fe(III) and V with oxine interfere, and these elements must be 
separated beforehand. 

The problem, which is in general to detect traces of Ga®"^ in the 
presence of AP+, involves the determination of traces of Ga®+, and is 
dealt with in quantitative analysis. 

(3) Violet coloration of the flame.— The visible spectrum has lines 
at 403 and 417 mp. 



2 4 6 8 10 12 14 pH 
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INDIUM 

Similar to Al®-^ and Cd^+. Same states of oxidation as gallium. The 
metal melts at 145°. 

In^+ is colourless. White In(OH )3 precipitates above 3-4 (O-OIM) 
and redissolves above pB. 14, provided that it has not developed. 

In concentrated solution basic salts precipitate. 

Oxalate complexes In(C 204 ) 2 ~ and KIn(C 204)2 of rather low solu- 
bility are formed. The fluoride InFg dissolves to the extent of 0-5M and 
the complex Na^InFe to the extent of 0'35M; InOF is of rather low 
solubility. 

IngSg, pale yellow to orange, is soluble in the hot in the presence of 
S^". It precipitates at pB 2—3. In alkaline solution, a white precipitate is 
obtained. 


Equilibrium constants 

In3+ + H 2 O InOH2+ + H+ 3-7 

In(OH)3 I ^ In3+ + SOH- 33-9 

In(OH)3 I ^ HoInOg- + H+ ... -^ 16 

In(I03)2 I ^ + 2IO3- 10-6 

In(oxine )3 ^ In^^ 4- 3 oxine~ .... 36*7 

In(C204)2-^In3+ + 2 C 2 O 43 - .... 8-6 

KIn(C204)2 I ^ In(C204)2- -f K+ . . . . 4-4 


Redox 

In^+ -f 3c ^ In ^ Eq = — 0*34 volt slow 
Formal potentials 

N-HCl, M-InClg E = - 0-3 volt 

N-KOH E = - 0-8 „ 

M-NagCOg E = — 0-47 „ 

Visible spectrum. — Blue flame coloration. 

Separation from zinc. — Zn mercurithiocyanate is of low solubility, 
in contrast with Ga®+ and In^^. 
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ZINC GROUP 

MANGANESE. NICKEL. COBALT. ZINC. CADMIUM. 

COPPER 

GENERAL PROPERTIES 

Cations (II).— Mn2+ Ni^^, Co2+ Cd^+, Cu2+. Hydroxides all 

soluble in a mixture of ammonia and ammonium chloride as a result of 
the formation of complexes with NH 3 . With NaOH, basic salts are in 
general first obtained, then the hydroxides. The solubility of the sulphides 
in ammoniacal solution is in general low. 

In contrast with the ammonia group, numerous compounds are less 
soluble than the hydroxide, in particular the sulphides {b columns of the 
periodic classification). 

Numerous complexes, but in general rather unstable, except those 
v^ith CN-. 

The elements in general have several states of oxidation. Fe^+, Cr 2 + 
are similar to this group, while Cu^-i- resembles Pb^^, Hg^^, Mn^+j and 
Mg®-^. 

General reagents. — Mercurithiocyanates. — The mercurithio- 
cyanates M[Hg(CNS) 4 ] are of low solubility and crystallize together, 
yielding mixed crystals which are often coloured. 

With Zn(II), white precipitate for | Zn^^ | > 10 “^ g. -ion/litre 

With Co(II), deep blue precipitate for | € 0 ^+ | > 5. 10 “® „ ,, 

With Cu(II), green precipitate for | Cu^^ | > 5.10“® ,, ,, 

With Cd(II), white precipitate for | Cd®+ | > 0*5 ,, ,, 

Ni®+, Mn®+, Fe®+ do not precipitate. 

Thus only two ions, Cu®+ and Co®+, give coloured precipitates. 

(a) Precipitates with Cu®+. — In the presence of the colour of 

the mixed crystals varies with the ratio Zn®+/Cu®+ as follows: 



White 

! 

Mauve Violet 

i 

Black 

Deep green 

Green 

Zn/Cu . 

> 10 ! 

i 

10 1 ' 

1 

1 

1 ino 

< 1/10 


This is for concentrations of | Cu®+ j > 10“^ and [ Zn®+ | > 5.10“^. 

In the presence of Cd^+ mixed crystals are obtained only when 
I Cd2+ j > 0*5, which are black for | Cu®+ j = 10“^, then violet and 
mauve at lower copper concentrations. 

In the presence of Ni^+: for [ Ni®+ | > 10~^ and ] Cu®+ [ > 10“^ black 
precipitates can be obtained. 

In the presence of Mn^-^: when | Cu®+ | > 10“^ and | Mn®+ [ > 1 
black precipitates can be obtained. 
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In the presence of 


Deep blue 


Black 


Green 

1 Co 1 2 +/ 1 Cu2+ 1 

10 


1 



for [ Co2+ I > 5.10-3 and | Cu^+ | > IO-2. 

(b) Precipitates with Co3+. — In the presence of Zn^+ 


White 

Pale blue 

Blue 

Deep blue 

Zn2+|/lCo3-! 

100 

1 

1/10 


for 1 Zn2+ I > 10-3 and | Co^+ | > 5.10-^. 

In the presence of the same colours, but for | Cd3+ | > 0-5 and 

I Co3+ I > 5.10-3. 

(c) Cu+, pale yellow precipitate. — Fe^ H in the presence of F“ can 
reduce Cu^^ to Cu+. 

Note . — In the presence of Fe(III) the precipitates take on a pale violet 
colour. 

Precipitation pH’s 

Hydroxides 


10-^1 

10-®M 

i 

Fe2+ i 

5-8 

7-3 

Zn2+ i 

6*8 

8-3 

Cd2+ 

8-3 

9-8 

Cu2+ 

5-0 

! 6-5 

Mn2-f ; 

8-3 

i 9-8 

Ni2+ 

7-2 

8-7 

C02 + 

7-5 
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MANGANESE 
Mn = 54-9 

Oxidation numbers. — All from I to VII. 

The stability of the different anions and cations of manganese has 
been mentioned on page 129. The stable ions and compounds are thus 
(not mentioning complexes here): Mn3+, Mn(OH)2 (not stable, oxidizes 
in the air), HgMnOg, Mn04”; Mn043- (only exists in alkaline solution). 

Mn(I). — Only exists as a solid complex K5Mn(CN)6. 

Mn(II) 

The manganous compounds are similar to those of Fe^+j Ni3+, Co3+. 

Influence of pH. — The cation Mn^^ is pale pink. White Mn(OH)2 
precipitates from pH 8*S (O-OIM). It only dissolves again to an extremely 
small extent in very strong alkali, yielding HMnOg". It does not pre- 
cipitate at all in the presence of NH3 (ammines formed). It oxidizes in 
the air, going brown. 

Complexes. — There are numerous complexes of low stability — 
phosphate, oxalate, ammine, and complexes with hydroxylated organic 
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compounds. The cyanide complexes are green and more stable, as also are 
the fluoride complexes. 

10 "^ 

s 


10 "^ 

FIG. 47. APPAKENT SOLUBILITY OF THE SULPHIDE AND 

HYDROXIDE OF Mn(II) AS A FUNCTION OF 

Low- solubility compounds. — There are a great number, and their 
solubility is rarely extremely low. The sulphide MnS is the least soluble; 
it is salmon pink, oxidizing in the air to MnO^jaq.; on boiling in the 
presence of an excess of ammonium sulphide, the less hydrated green 
sulphide can be obtained. Mn(NH4)P04 is a compound of low solubility. 

Equilibrium constants 

MnC^O^ I ^ Mn2+ + . 

Mn(I03}2 I ^ Mn2+ -f 2IO3- . 

MnC03 4, ^ Mn2+ -f CO32- . 

Mn(OH)o I ^ Mn2-i- + 20 H“ . 

Mn(OH)2 j ^ HMnO^- + H+ . 

MnS pink j ^ Mn2+ + S^- . . 

MnS green | ^ Mn^"^ -j- S^- . 

Mn(III) 

Manganic compounds. — Mn^+ does not exist. MngOgjaq., brownish 
black, is very slightly soluble in strong alkali. In acids it disproportionates 
into Mn^+ and MnOgjUq. 

Complexes. — Chloride complexes are brownish black, phosphate 
ones are \dolet, sulphate ones are deep red. Mn(CN)6^“ is deep red; 
oxalates MnC204+ Mn(C204)3’-, Mn(C204)33- are reddish black, MnE^^- 
is deep red, Mn(CH3COO)3 is brown. There are numerous other meta- 
phosphate and p^TTophosphate complexes, etc. 

Mn(IV) 

The cation, a strong acid, is completely hydrolysed by water. 

MnOgjUq. is brown or black. There are deep red chloride complexes 
MnCle^-", and fluoride analogues, MnEg^", which are yellow. Mn(CN)8^- 
is a very stable anion. 

Mn(OH)4 I ^ Mn^+ 4 - 40 H~ ..... 56 

Mn(V). — ^Mn04®“, blue in molten caustic soda, has been described. 
It disproportionates in any less alkaline environment: 

2Mn043- + 4H+ ^ Mn 042 - + MnOg | + 2 H 2 O 


. 2-4 

. 4*4 

. 6*3 

. 10-1 
. 13 - 4 - 13-1 
. 19 

. 14 - 9 - 15-2 
. 220 



8 10 i^ 14 pH 
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Mn(VI) 

In this state Mn shows similarities to Cr, Mo, W and S. Mn(VI) is only 
found in solution as manganate ions, Mn04^-. These solutions are green, 
and the ions are only stable when the solution is very alkaline. They 
disproportionate in less alkaline solution: 

SMnO^s- -j- 4 H+^ 2Mn04- + MnOg | + 2H2O 
Mn(VII) 

Mn is only found in this state in the permanganate ion Mn04“, 
reddish violet. This ion has similarities to CIO4-, I04~, and Re04~. 

MngO- is known in the form of explosive violet vapours which are 
obtained by dehydrating agents such as cone. H2SO4 on HMn04. Like 
HCIO4, HMn04 is a strong acid. 

Redox 

Mn2+ 2 e^ Mn | Eq = — 1*05 volts (calc.) 

The metal is a strong reductant, and acts upon HgO slowly. 

Mn3+ Mn2+ Eo = 1*51 volts (calc.) 

Forinal potentials 

In 25N-H3PO4 . . . 1*27 volts 

,, 9-I5N-H2SO4 . . . 1*49-1 -50 volts 

„ 0-3M-H4P2O7 . . . 1*23 volts at pH 0*8 

Mn(H2P20-)22”/Mn(H2P 207)33- Eq = 1*15 volts 

Mn(IV) + 2e^Mn(IlI) 

Formal potentials 

In 25N-H3PO4 1*47 volts 

„ 9N-H2SO4 1*57 volts; in 15N 1-05 volts 

MnOg + 4H+ + 2c ^ + 2H2O Eg = 1*23 volts 

In 6N-HC1 (complexes) the formal potential is 1*47 volts. MnOg 
oxidizes hot cone. HCl. Mn3+ can be oxidized to MnOg by cone, HNOg. 
Mn04- oxidizes Mn3+ to MnOg, more rapidly in the hot. 

In alkaline solution. — Mn(OH)2 oxidizes in the air as soon as it is 
precipitated, more rapidly in the presence of oxidants such as CIQ-, 
H2O2, SgOg^-, etc. Mn304, MugOj, and MnOg are obtained in succession. 

In lON-NaOH, oxidation ^delds successively brown Mn304, then 
MngOg, and finally MnOg (probably as low-solubility NagMnOs). 

Formal potentials 

MnO I /Mn304 | — 0*4 volt 

Mn304 ^ /MugOg 4, — 0*2 „ 

MugOg j/MnOg 4, ..... - 0*05 „ at pH 14 

The decomposition of HgOg is catalysed by these redox systems. 

MnO^^- + 4H+ -{- 2c^ MnOg I + 2 H 2 O 
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Formal potential is 0*6 volt in N-NaOH and 0*3 volt in lON-NaOH. 
MnOg (or NagMnOg) can thus be oxidized to manganates. 

Mn04“ + e ^ MnO^^- Eq = 0*54 volt 

Mn04- -f 4 H+ + MnOa | + 2H2O Eq = 1-67 volts 

The reaction is very slow from left to right. 

Formal potential is 1*50 volts in N-HCIO4. The permanganates are very 
strong oxidants. The potential falls when the pH increases (fig. 48 ) but 
it still remains very high. In acids, Mn04- oxidizes rapidly. It is reduced 
in general right down to Mn^+, because the potentials of the systems 
Mn(VII)/Mn(IV) and Mn(IV);'Mn(II) are then very near to one another 
(fig 4 S). However, Mn^^ reacts slowly to give Mn(IV). In acid solution, 



FIG. 48 . ^APPROXIMATE FORMAL NORMAL POTENTIALS OF THE 

REDOX SYSTEMS OF MANGANESE AS A FUNCTION OF pH 

Mn04‘” causes ferrous o-phenanthroline to change from red to pale blue, 
(1*1 volts). It oxidizes cone. HCl, Cl” in the hot, Sn^^, C2O42- in 

the hot, H2O2, S2-, As(III), N3-, etc. In acetate buffer, Br- and 1 “ are 
oxidized but not Cl". 

In solution of low acidity, neutral or alkaMne, only powerful re- 
ductants reduce permanganates right down to Mn^^; generally the re- 
action stops at MnOg. However, in the presence of ions which complex 
Mn®+, for example F", the reduction can go to the Mn(III) stage. In- 
versely, Mn2+ is only oxidized slowly in acids. Mn2+ is oxidized to Mn04- 
by NaBiOs in the cold, IO4- in the hot, Ag2+ in the cold or by SaOg^" 
+ Ag+ in the hot, and by PbOg in the presence of hot nitric acid. 

At about pH 12-13 the Mn04"/Mn02 | system is replaced by the 
systems Mn04-/Mn042-" and Mn042-/Mn02 j. Thus the reduction of 
Mn04-- goes through the stage of manganates. 

Mn(CN)6^- - Mn(CN)e2- Eq == - 0*22 volt 
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Disproportionations. — It can be seen from fig. 48 that Mn 203 ,aq. 
disproportionates into MnOg and Mn^+ in acids. 

Mn^Og I + 2H+^ MnOg ^ + Mn^+ + HgO 

Mn^+ does not exist on account of the very low solubility of MnOg. 
MnO^^- does not exist below pH 13-5; in less alkaline solution, we 
have 

3Mn042- 4- 4H+^2Mn04- + MnOg [ + 2 H 2 O 
Similarly can only exist in excessively alkahne solution. 

Detection 

Formation of permanganate ion. — (a) By persulphate. — Man- 
ganous salts in solution are oxidized by persulphate in the presence of 
Ag salts. 

Solutions and materials required. — Sodium or potassium persulphate. 
25 per cent silver nitrate. 

Procedure. — To 1 drop of the solution to be examined add enough silver 
nitrate to precipitate all the chloride present — 2 drops sujBfice; 
then 1 drop of cone. HENOg and a crystal of persulphate. Warm. A 
violet coloration appears if Mn(II) was present initially. 
Concentration limit. — 5.10~® g.-ion of Mn^^ per litre (3 p.p.m.). This limit 
is so low that care must be taken not to mistake traces for consider- 
able quantities. This can be done by diluting the solution before test. 
Interfering substances. — The reaction is specific. 

If much Cl” is present, large quantities of silver nitrate have to be 
added in order to precipitate it completely. It is better therefore to 
remove it initially as HCl by adding HgSO^ and heating. 

If the Mn2+ concentration is too high (> O-OIM) the Mn O^- 
formed can be reduced by the Mn^^ remaining, and brown MnOg will 
be thrown down. In this case, also, the remedy is to dilute the solution. 

If the excess of persulphate or of AgNOg is too large, black AgO 
will be formed slowly. 

If there is much H3PO4, a violet-red complex with Mn(III) or 
Mn(IV) will be formed. 

Cr3+ gives yellow to orange Ce(III) gives Ce(IV) (yeUow 

to orange). V(IV) gives V(V) having the same colour. The sensitivity 
is slightly reduced. Fe(III) in nitric acid only gives a very weak 
coloration. 

Among the coloured ions, Co 2 + is the most troublesome. If its 
concentration is as high as 0*1 g.-ion/litre, the concentration limit 
is reduced to around 10”® g.-ion/litre, even when using a cobalt 
solution of the same concentration as a comparison standard. 

{b) By periodate. — ^Manganous salts are oxidized by periodates in 
hot acid solution. 

Material required. — Solid potassium periodate. 

Procedure. — To 1 drop of solution, add a few small crystals of solid 
periodate, and 1 drop of concentrated nitric acid. Boil. A red colora- 
tion appears and remains stable, if Mn(II) is present. 
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Concentration limit, — 5.10“^ g.-ion of Mn2+ per litre (30 p.p.m.). 
Interfering ions. — The reaction is specific. Cl“ does not interfere. 

The reaction is easier and the coloration more stable than with the 
persulphate, but it is less sensitive. 

(c) By bismuthate. — Manganese salts are oxidized by sodium 
bismuthate in cold acid solution. 

Material. — Solid sodium bismuthate. 

Procedure. — The diluted solution is acidified with H2SO4 (dil.); shake for 
a few seconds with a little bismuthate. If very pale colours have to be 
observed, the solution must be filtered through an asbestos pad. 
Interfering ions. — The reaction is specific. 

Concentration limit. — 5.10~^ g.-ions of Mn2+ per litre (30 p.p.m.). 

RHENIUM 
Re = 186*3 

This element shows similarities to manganese and also to molyb- 
denum. It can exist in every state of oxidation from I to VII. The 
important states are IV and VII in which the element 
behaves like manganese. 

Re(IV). — The main representative is ReOgjaq., 
black, analogue of MnOgjUq. Soluble in cone. HCl 
with formation of complexes. 

Re(V) 

In acids gives green solutions. Disproportionates 
slowly in acids to Re(VII) and Re(IV). Oxalate com- 
plexes, and also more stable tartrate ones. These are blue to green. 

Re(VI). — Represented by the ion Re04^~ in alkaline solution. Dis- 
proportionates. 

Re(VII) 

Represented by the strong acid HRe04. Re04" is colourless. The 
solubihty of KRe04 is fairly low (0*95 g. /litre). The Ag+, T1+ Cs+, and 
Rb+ salts are of fairly low solubility. Low-solubility salts with organic 
bases, in particular the salt Ph4AsRe04, which is soluble in chloroform. 

Redox 

Re04- 4H+ + Se^ ReOg | + 2H2O . . -- 0*3 volt 

Re04” -f 8H+ + 6C1- + 3e ^ ReClg^- + 4H2O . . 0*5 „ in 

6-lON-HCl 

The system Re(VII)-Re(V) has remarkable catalytic properties. Re04” 
is easily reduced by stannous chloride. Metallic Re is easily attacked by 
oxidants. 

Detection of Re. — ^The problem is the detection of traces. It is thus 
really a problem of quantitative analysis. 

Detection with thiocyanate. — The reaction is entirely similar to that 
with molybdenum (p. 240). When it is desired to detect traces of rhenium 
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in the presence of much Mo, which is what usually happens, the best 
method is to extract the Re(VII) in the form of tetraphenylarsonium 
perrhenate with chloroform. 


NICKEL 
Ni = 58-7 


Very similar to cobalt, from which it differs in the main by the lesser 
importance of its oxidation state (III). 

States of oxidation. — The element can exist in every state from I to 
IV. In aqueous solution, only II is known, in which the element is similar 
to Fe(II), Zn(II), Mn(II), Co(II), Cu(II); III and IV are known in solid 
compounds. 

Ni(II). — Influence of pH. — The cation Ni^^ is green. In principle the 
pale green hydroxide Ni(OH )2 precipitates above pH. 7-2, but in practice 

basic salts or pale green adsorption com- 
pounds are formed instead. 

Complexes. — Very unstable chloride 
and sulphate complexes. Blue ammine 
complexes, rather unstable (analogues of 
the cupriammine complexes); oxalate, 
thiocyanate, metaphosphate and pyro- 
phosphate ones are known; those formed 
with the anions of hydroxylated organic 
compounds are in general green and 
fairly unstable. The cyanide complexes are 
stable. 

Low- solubility compounds. — There 
are many. The ferri- and ferrocyanides 
are the least soluble, along with the sulphide NiS and the dimethyl- 
glyoxime complex (red). NiS precipitates at pH 3-4-4*8, i.e. in acetate 
buffer at pH 4*5 (difference from MnS). The precipitated sulphide ages 
rapidly and its solubility in N-HCl becomes very low. The variation 
of solubility can be explained partly by a change in the dimensions of the 
particles of precipitate, and partly by a conversion of the sulphide to other 
modifications. In (NH 4 ) 2 S, NiS can remain in colloidal solution; such 
solutions have a very deep colour. It dissolves slightly in sodium sulphide. 



FIG. 49. — APPARENT SOLU- 
BILITY OF Ni(II) SUL- 
PHIDE AND HYDROXIDE 
AS A FUNCTION OF pH 


Equilibrium constants 


Ni(OH )2 ^ ^ Ni2+ + 20H- . . 

15*2; 17-2; 

Ni 2 + + HaO NiOH+ + H+ . . 

9-3 

NiCOa ^ ^ Ni 2 + + COai*- . . 

6-9 

NiC^O^ 1 ^ Ni 2 + + . 

70 

Ni(C 204 ) 2 ^-?^Ni 2 + -f 2 C 2 O 4 *- . 

6-5 

Ni(CN)42- ^ Ni2+ + 4CN- . . 

15-3; 22 

Ni[Ni(CN) 4 ] j Ni2+ + Ni(CN)42- . 

8-7 

Ni(NH 3 ) 22 + ^ Ni(NH 3 ) 42 + + NH 3 ; 

pkg =- - 0-09; pkg = 0-6; 

pk^ = 1 - 1 ; pks = 

1 * 6 ; pkg = 2 * 1 ; pkj == 2*7 

Ni(N2H4)2+^NP+ + N 2 H 4 . . 

1 

NiS 1 Ni2+ + S*- , . . 

20*5~27*7 
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Ni(III). — The cation does not exist but only NigOg over the whole pH 
range; this is not stable and reacts slowly with water, releasing oxygen. 

No complexes are known (apart from nickelic dimethylglyoxime) 
(difference from cobalt). 


Ni(IV) 

NiOg black, not stable, reacts rapidly with water with liberation of 
oxygen. 

Redox. — (1) Ni ^ ~ 2 e^ Ni^t- Eg = — 0*24 volt 
slow in both directions. 

Ni ^ + 2H+ ^ Ni2+ -f Hg 

The over-potential of hydrogen on nickel is 0-20 volt. Nickel is little 
attacked by HCl and H2SO4. Oxidizing acids dissolve it: HNO3 or hot 
cone. H2SO4. 

(2) In alkaline solution, the following formal potentials are set up: 

3 NiO 4, -f HgO - 2 e^ I + 2H+ -- 0 0 volt 

2 Ni 304 ^ + HgO - 2 e^ SNigOg | -f 2 H+ . . . . 0-5 „ 

NigOgI 4 - HgO ~ 2 e^ 2 mO^^ + 2 H+ ---0*6 „ 

(solutions saturated with oxides). 

NiOg reacts rapidly with water, hence it is practically non-existent: 

2 Ni 02 i + 2H+ -f 26-^ Ni.Og | -f HgO 

HgO - 2e 2H+ + t 

2Ni02 I NigOg 4, + ibg t 

NioOg itself also reacts with water, but more slowly: 

SNigOg I + 2 H+ -f 2 e-> 2 Ni 304 4, + Hfi 
H2O - 2e->2H+ -h 4O2 t 
SNigOg 4^ — >■ 2Ni304 4^ + 40 ^ f 

It can therefore be observed for some time. 

In alkaline solution Ni(OH)2 does not oxidize at any appreciable rate 
in air (difference from Mn(OH)2, Co(OH)2, Fe(OH)2); but oxidants can 
produce from it in succession ^304, NigOg, and NiOg. As NiOg is not 
stable, it reacts with water and is reduced to a mixture of the other two 
oxides (Ni304 and NigOg). The oxidant oxidizes these oxides once again, 
and the oxidation of water by the oxidant thus brought about is cata- 
lysed rapidly by the system NiOg/NigOg, and slowly by the system 
Ni20g/Ni304. Thus hypochlorites oxidize water; 

CIO- + 2H+ -f 2e-> Cl- -f HgO 
HgO - 2e-->2H+ + f 
— ~ CIO- Cl- + ibg F 

In the presence of nickel oxide, hypochlorites are not stable. The same 
is true for all the oxidants which oxidize CoO to CoOg. 

The decomposition of HgO 2 is also catalysed. 

IO3-, O3, HgOg all give only Ni304; C 10 “, SgOg^-, BrO“ in excess give 
NigOg; Mn04-, IO4” give a mixture of the two hydrated oxides. 

14 
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Fig. 50 shows that in acid solution neither Ni304 nor NigOs exist, they 
disproportionate into NiOg and Ni^^ and, as NiOg is not stable in aqueous 
solution, we get finally Ni^^ and oxygen gas. 

Ni(CN)42-/Ni(CN)32- -0-6 volt 

ECvolts^ 

1*6 

1-2 
0*8 
0-4 
0-0 
- 0*4 
- 0-8 

FIG. 50. — ^NOEMAn FOElVIAn POTENTIALS OF THE REDOX SYSTEMS 
OF NICKEL AS A FUNCTION OF pH 

Detection 

Dimethylglyoxime. — Dimethylgly oxime gives with salts of nickel, 
in acid, neutral, or ammoniacal solution, a red precipitate of nickel 
dimethylglyoxime. 

CH3— C=NOH H0N=C~CH3 

\/ i 

CH3— C=NO— Ni— ON=C— CH3 

Solutions and materials required. — 1 per cent alcoholic solution of dimethyl- 
glyoxime. Solid sodium acetate. 

Procedure. — To 1 drop of solution, add several crystals of sodium acetate 
followed by 2 drops of the dimethylglyoxime solution. When the solu- 
tion to be examined is dilute, use larger quantities. 

Concentration limit. — 5.10”® g.-ion of Ni^^ per litre (3 p.p.m.). 
Interfering substances. — (1) In sufficiently strong acid, the complex is 
destroyed with liberation of free DMG; in strongly alkaline solution 
Ni(OH)2 is formed. Hence the test is carried out in acetate buffer, by 
adding solid acetate to the acid. 

(2) Powerful oxidants and reductants must be counteracted by the 
addition of an excess of reagent. 

(3) Fe®+, in the presence of a mixture of NH3 and NH4+, gives 
a red complex (p. 166) which can be oxidized by a crystal of per- 
sulphate. 

With Cu2+, Mn^+j Fe®+ the same inconveniences are met with as in 
the detection of Fe^^ (see p. 166). Proceed thus: complex the Fe®+ 
with an excess of solid fluoride. Cu2+ and Mn2+ give interfering brown 
colours, whose appearance is avoided by adding, for Cu^+j 1 or 2 drops 
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of bisulphite, then 1 drop of thiocyanate, and for Mn^^, 1 or 2 drops 
of bisulphite alone. Then introduce the reagents. 

When Co 2+ and Zn^^, which use up the reagent, are present, an 
excess of the latter must be used. 

In the presence of much Co 2 + the reaction cannot be used to detect 
nickel. In this case, the following separation can be carried out, per- 
mitting the detection of 1 part of nickel in the presence of 100 parts 
of Co: the peroxides of both Ni and Co are first precipitated, then the 
solution is made ammoniaeal in the presence of dimethylglyoxime; 
only Ni goes into solution, giving a bright red coloration of nickelic 
dimethylglyoxime. 

Materials regwired,— 4N-NaOH. Cone. NH 3 . Sohd KaSgOg. 

Procedure , — Place 3 drops of solution in a centrifuge tube along with 
some crystals of persulphate. Boil. The black oxides of Ni and Co 
precipitate. Centrifuge. Decant the liquid. Redissolve with 3-4 drops 
of dimethylglyoxime and a drop of ammonia. Shake vigorously. 
Centrifuge in order to distinguish the coloration due to nickel. 


COBALT 
Co = 58-9 

States of oxidation. — II in which Co resembles Fe(II), Ni(II), 
Zn(II), Cu(II); III is represented almost entirely by complexes; IV-CoOg, 
analogue of NiOg and IVInOg. 


Co(II) 

Influence of pH. — The cation Co^^ is pink. The pink hydroxide 
precipitates in theory at pH 7-5 (O-OIM); but in practice basic salts or 
adsorption compounds which are pink or 
blue come down. Co(OH )2 redissolves very 
slightly in very strong alkali. It oxidizes 
in the air, going brown. 

Complexes. — Co(OH )2 dissolves in a 
mixture of NHg + NH 4 + by formation of 
ammines which oxidize rapidly in the air 
giving red cobaltiammines (Co(III) ). 

Low-stability chloride complexes are 
formed, which in concentrated Cl~ are 
blue. With CNS" the same colorations are 
obtained, first magenta, then blue. Com- 
plexes of rather low stability are given 
with hydroxylated organic compounds: 
with glycerol, a yellow^ coloration is obtained. Cyanide complexes are 
obtained which are fairly stable, but which oxidize in the air. 

Low- solubility compounds. — These are numerous: pink and blue. 
The ferro- and ferricyanides are the least soluble* Black CoS precipitates 
at pH 4*5-4*8. Like NiS, it ages rapidly and its solubility in N-HCl 
becomes small. 
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FIG. 51. APPARENT SOLU- 

BILITY OF Co(III) AND 
Co(II) HYDROXIDES AS A 
FUNCTION OF pH 
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Organic solvents. — A certain number of complexes, such as 
H2 Co(CNS) 4, give blue solutions in various organic solvents. The addition 
of a liquid miscible with water such as alcohol, acetone, etc., decreases the 
ionization and thus permits the blue coloration to appear: C0CI42-J 
CoCls- C0CI2. 

Equilibrium constants 

Co(OH) 2 4, ^ Co2+ + 20H- .... 14-9-17*8 

Co(OH).| ^HCoOg- + H+ .... 19*1 

C0(NH3)62 -^^ Co(NH3)52+ + NH3; pk, == - 0*6; = - 0-2; 

pk^ = 0*8; pkg = 1*0; pkg = 1-6; pk^ = 2*1 fori = 2 

C0C2O4 I ^ Co2+ + C2O42- .... 5*4 

C0CO3 I ^ Co2+ 4- CO32- .... 12*0 

Co(CN) 6^-^ Co2+ + 6CN~ .... 19-1 

Co(CN) 2| Co2+ 4- 2CN- .... 7*8 

CoS I ^ Co2+ 4- S2- 22*2-26*7 

Co(a-nit^oso-JS-naphthol)2^^ ^ €0^+ 4- 2(a-nitroso-jS-naphthol)'“ 16*3 

Co(III) 

The cation Co^+ exists in very acid solution. CogOgjag., brownish- 
black, precipitates at around pH 0*5 (0*01M). 

Co(III) exists mainly in the form of complexes, which are yellow or 
red. Some of them are extremely stable, such as Co(CN)5®~; the cobalti- 
ammines, which are strong bases, are sometimes stable in strong acids and 
alkalis. Fairly stable oxalate and nitrite complexes are known. 

Equilibrium constants 

Co{OH) 3 4, ^ Co3+ 4- 30H- 42*6 

Co(NH3)e^+^ Co(NH 3)53+ + NH3; pke - 4*4; pk^ = 5; 

pk4 = 5*6; pkg = 6*1; pkg = 6*7; 
pki = 7*3 (I = 2) 

Redox 

(1) Co 4^ — 2c ^ Co^^ Eq = — 0*28 volt (slow) 

Cobalt in acid solution is a little stronger reductant than nickel; it is 
more easily attacked by dilute acids. 

In KOH saturated with oxide, we have 

Co I 4- 20H- - 2e^ Co(OH)2 E'q = - 0*73 volt 

In 6N-NH3 we have 

Co 4. 4- 6NH3 - 2e^ Co(NH3)e2+ E'o = - 0*56 volt 

(2) In alkaline solution, we have the following systems, with their 
formal potentials in 7N-KOH. 

3CoO 4- + HgO — 2c ^ CO3O4 4. 4- 2H+ .... 4- 0*01 volt 

2CO3O4 4. 4- HgO - 2c^ 3CO2O3 I 4- 2H+ . . . . + 0*11 „ 

CO2O3 4. 4- HgO - 2c ^ 2C0O2 I + 2H+ .... 4-0*65 „ 

(solutions saturated with oxides). 

If we compare these with the properties of nickel oxides, we shall see 
that the potentials of the two sets of systems are not much different from 
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one another. Only the C03O4/C02O3 system has a potential lower (by 
0*4 volt) than that of the Ni304/Ni203 system. As a result, C02O3 is a 
much poorer oxidant than NigOg; its region of existence is much larger; 
it does not react with water and exists even in very acid solution as Co®+. 

The III oxidation state of cobalt is much more important than the 
corresponding state of nickel, 

C0O2, like NiOg, reacts with water quite rapidly. The system 
C0O2/C02O3 will thus catalyse the oxidation of water by CIO", etc., and 
hypochlorite ions are therefore not stable in aqueous solutions containing 
cobalt salts. The decomposition of hydrogen peroxide is also catalysed 
(see p. 276 ). 



FIG. 52 . — APPROXIMATE VALUES OF FORMAL NORMAL POTENTIALS 
OF THE REDOX SYSTEMS OF COBALT AS A FUNCTION OF pH 

In alkaline solution, Co(OH)2 oxidizes rapidly in the air, giving 
CO3O4, more rapidly in the presence of oxidants. 

Thus hydrogen peroxide fields C02O3 -f C03O4 and CIO-, BrO-, 
10 - SgOs^- and Mn04“ give COgOg + CoOg. IO4- gives CogOg. 

In acid solution we have 

002+ — Co®+ Eq = 1-84 volts 

The salts of Co(III) are not stable. They disproportionate slowly into 
Co2+ and C0O2, the latter reacts rapidly with water, and the final result 
is Co^+ and oxygen gas. 

Inversely, it is difficult to oxidize to Co^+, except by electrolysis 
and the formation of complexes. 

( 3 ) Co(CN)e 3 - + Co(CN)e^- Eq = - 0*83 volt 

The system is a strong reduetant; cobaltocyanides oxidize rapidly in 
the air. 

Detection 

(1) Thiocyanate. — Co-+ ions give complex blue ions with thiocyanates, 
not much ionized in the presence of various organic solvents which dis- 
solve them: alcohol, acetone, aniline, benzyl alcohol, etc. 
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Solutions and materials required . — Saturated solution of NH4CNS. 

Benzyl alcohol. 

M-NaHSOg. 

Solid NaF. 

Procedure . — Use a test plate. To 1 drop of solution, add 1 drop of thio- 
cyanate. The coloration due to Fe®+ appears if the latter is present; 
that which is due to Co 2 + is not sensitive. Add then a little NaF to 
make the red coloration disappear. Add 1 drop of benzyl alcohol: shake. 
The blue colour due to the cobalt appears in the alcohol. 
Concentration limit. — 2.10“^ g.-ion of Co^+ per litre (1000 p.p.m.) in the 
absence of solvent; 3,10~^ in the presence of benzyl alcohol 
( — 20 p.p.m.). 

Interfering substances. — (1) CNS“ is not basic; Co(OH )2 precipitates in 
alkaline solution. The test must therefore be made in acid or neutral 
solution. 

(2) Oxidants which oxidize CNS“ must be counteracted with an 
excess of reagent. 

(3) Ions which complex CNS”, like Hg^^, must be counteracted by 
an excess of reagent. 

Ferric ions give a red coloration which can be made to disappear 
by complexing the Fe^+ with F“. Cu2+ gives a brown coloration of 
Cu(CNS)o which can be removed with 1 drop of bisulphite. Ti(IV) 
gives an orange coloration, which disappears when F“ is added. 
Bi(III), Mo(VI), etc., give yellow or orange colorations which 

do not interfere much. Ni^+ gives a green coloration in strong con- 
centration. VO 2 + gives a blue coloration, insoluble in ether. 
gives a violet coloration, also insoluble in ether. 

The coloration due to C 02 + is soluble in ether, like those of Ti(IV), 
Mo(VI) and to some extent that of Cvi^+. 

The precious metals give colorations which can interfere. 

Co2+ is detected at the same time as Fe^^ (see p. 165). 

(2) Mercurithiocyanate (see p, 187). — In acid or neutral solution, 
ammonium mercurithiocyanate gives a deep blue crystalline precipitate 
of cobalt mercurithiocyanate. The crystals form at the surface of the 
solution, then fall to the bottom of the test-tube. In the presence of a small 
quantity of a zinc salt, mixed crystals of the mercurithiocyanates of zinc 
and cobalt are formed immediately, the blue colour of which is paler in 
proportion as the amount of zinc salt is higher. 

Solution required . — Solution of ammonium mercurithiocyanate. 


Mercuric chloride 30 g 

Ammonium tliiocyanate 33 g 

Water 100 ml 

1 per cent ZnCl^ 


Procedure . — ^Use a test plate. To 1 drop of solution add 2 drops of reagent. 
Wait. 

A white precipitate indicates Zn alone, 10“^ (60 p.p.m.). 

A deep blue precipitate indicates Co alone, 5.10-^ (300 p.p.m.). 
A mauve to black precipitate indicates Zn + Cu. 
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A sky-blue precipitate indicates Zn -f Co. 

It is more sensitive to detect Co 2+ after the addition of 1 drop of 
the zinc solution at 10“^ g. -ion /litre (6 p.p.m.). 

Procedure . — To 1 drop of solution, add 1 or 2 drops of reagent. Rub the 
sides of the test-tube with a stirring rod. 

Concentration limit. — 5.10“"^ g.-ion of Co^"^ per litre (300 p.p.m.). The 
presence of zinc sensitizes the reaction. Mix in beforehand 1 drop of 
zinc salt solution with 1 drop of the test solution. The limit is then 
10“^ g.-ion of Co-+ per litre, or 6 p.p.m. 

Interfering substances. — (1) In very acid solution, the complex is 
destroyed by the formation of HCNS; in alkalis, HgO (yellow) pre- 
cipitates. 

(2) Sufficiently powerful reductants, Sn^^ for example, precipitate 
black Hg. An excess of reagent must be added for oxidants which 
oxidize CNS“. 

(3) An excess of reagent must be added when ions which form 
complexes with CNS~ are present. Some give coloured complexes 
(Fe®+); these can be eomplexed beforehand by the addition of a little 
fluoride. VO 2+ gives a blue coloration which is not carried down by the 
precipitate. 

(4) Cu^+, in the presence of Zn^-t, gives a violet or black pre- 
cipitate w^hich can mask the blue precipitate. 

ZINC 
Zn = 65-4 

This element is found above cadmium in the periodic table. It is very 
similar to Cd, but Zn^^ is more acid than Cd^+ and gives anions. 
Oxidation number. — II. 

Influence of pH. — The Zn^+ cation is colourless, Zn(OH)2 white, 
and precipitates from pH 6*8 (O-OIM). In general, neutralization involves 
the precipitation of basic salts or ad- 
sorption compounds which are con- 
verted to the hydroxide in more alkaline 
solution. Zn(OH)2 is amphoteric, and 
redissolves above pH 13 giving HZnOg- 
and then ZnOg^”, which are colourless. 

NH3 dissolves the hydroxide with for- 
mation of ammine complexes. 

Complexes. — ^The ammine, cyan- 
ide, thiocyanate complexes are fairly 
unstable; the oxalate ones are not 
stable. Chloride complexes such as 
ZnCls, ZnCl+ are also not very stable. 

Low- solubility compounds. — ^There are many. ZnS is the least 
soluble: it is white, and colloidal when precipitated in alkaline solution. 
It can be flocculated with NH4+. It is easy to filter if it is precipitated in 
hot acid solution. (The particles are larger because the solubility is then 
larger.) It precipitates at a pH as low as 1*1 and thus comes down in 
chloroacetate buffer at pH 2*5 (difference from Mn®"^, Ni^+, Co®+). 



FIG. 53. — APPARENT SOLUBIL- 
ITY OF ZINC HYDROXIDE AS 
A FUNCTION OF pH 
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Freshly precipitated, it redissolves in strong alkali. K2Zn3(Fe(CN)6)2 is 
white, and its solubility is low in very weak acid. Zinc cobalticyanide has 
the same properties. ZnNH4P04, the analogue of ammonium-magnesium 
phosphate, is of low solubility between pH 5-5 and 7*5. 

Equilibrium constants 

Zn2+ -f HgO ^ ZnOH+ + H+ 

Zn(I03)2 I ^ Zn2+ + 2IO3- 

ZnCOg I ^ Zn2+ + COg^- 

Zn(C204)3^~^Zn2+ + 3 C 2 O 42 - .... 

Zn(NH3)42+^Zn2+ + 4NH3 

Zn(OH)2 ^ ^ Zn2+ + 20H- 

Zn(OH)2 i ^ ZnOa"- + 2H+ .... 

Zn(CN)42-^Zn(CN)3- + CN- . . . . 

Zn(CNS)3- ^ Zn2+ -h 3CNS- .... 

ZnS I ^ Zn2+ + S2- 

Zn3K2(Fe(CN)e)2 i ^ 3Zn2+ + 2K+ + 2Fe(CN)64- 

Zn oxinea | ^ Zn2+ 4- 2 oxine“ .... 

Zn(P207)>-" ^ Zn2+ + 2P2O74- .... 

Redox.— Zn | - 2e = Zn2+ Eo = - 0-76 volt 

In alkaline solution: 

Zn I + 20H~ - 2e^ZnO^^- + 2 H+ Eq = ~ 1-22 volts 

The metal is a strong reductant. It is attacked by both acid and 
alkali. It is not attacked between pH 7 and 13 (low-solubility oxide). It 
is used in acid solution, sometimes as the amalgam, in a large number of 
reductions where a powerful reducing action is required: preparation 

of Cr2+ and It reduces 
As(III) to AsH^ and, in 
alkaline solution, NO 3" to 
NH3. 

Detection 

Mercuri thiocyanate. 
(See p. 187.) — Zinc salts 
give with mercurithio- 
cyanate ion, Hg(CNS)42“, a 
white precipitate of the 
zinc salt which is of low 
solubility in low-acidity 
solution. In the presence of Co and Cu^+ the precipitation of cobalt and 
copper salts gives mixed crystals, and in the first case a blue, and in the 
second case a violet to black precipitate is obtained. 

The reaction in the presence of Cu^+ is very sensitive and permits the 
detection of Zn^+. However, Cd2+, Ni-+, Mn^^, and Co^+, in 0-lM to 
M solution can cause the same reaction. Hence the reaction is carried out 
and, if it is negative, the absence of Zn^^ is deduced. If it is positive, the 
test should be repeated after separating Mn( OH) 2, Ni(OH)2, Cd(OH)2, and 
Co(OH)2 by 4N-NaOH in the hot; these precipitates can be centrifuged 
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out (see p. 86). Zn(II) can be detected at the same time as and 
Cu 2 + (gee p. 200 and also p. 210.) 

Solutions required . — Ammonium mercurithiocyanate: 


Mercuric chloride SO g 

Ammonium thiocyanate S3 g 

Water 100 ml 

CuClg solution; 0*5 per cent. 


Procedure . — Use a test plate. Add 2 drops of reagent to 1 drop of solution. 
Wait. 

A white precipitate indicates Zn^^ alone: 10“® (60 p.p.m.). 

A deep blue precipitate indicates Co^^ alone: 5.10"® (300 p.p.m,). 

A mauve to black precipitate indicates Zn®+ + Cu®+. 

A sky-blue precipitate indicates Zn®+ + Co 2 +. 

The sensitivity for Zn is increased by the prior addition of 1 drop 
of the CuClg solution. It is then 5.10"^ g.-ion/litre, or 30 p.p.m. 

Interfering substances . — If the concentration of Cu®+ is too high, the pre- 
cipitate is coloured green by copper mercurithiocyanate. Repeat the 
test after diluting. If there is really too much copper, separate it with 
a little metallic aluminium; decant the supernatant liquid, reoxidize 
the solution with persulphate, destroy the excess of persulphate by 
boiling for 30 seconds. 

If the concentration of Co(II) is too high, the formation of a 
deep blue ppt. of cobalt mercurithiocyanate can interfere. Repeat the 
test after dilution. If there is really too much Co-+, convert it to a 
cobaltiammine by adding 1 drop of 5 voL HgOg, and then 1 drop of 
ammonia (1 /I). Reacidify with 2 drops of 4N-HC1, and carry out the 
test immediately. 

Fe®+, which gives a red colour with CNS", interferes. It also gives 
a violet colour to the precipitate. It must be complexed with F" by 
adding solid NaF. But, if Fe®+ is also present, it will, in the presence 
of F", become an energetic reductant and may reduce even Cu^+. It 
must be oxidized with a little persulphate, the excess of this being 
destroyed as usual by boiling. 


CADMIUM 
Cd = 112*4 

In the periodic table, this appears below zinc, which it closely 
resembles. It is also analogous to copper in the II state of oxidation. 

State of oxidation. — II 

Influence of jpH. — The cation Cd®+ is 
colourless, white Cd(OH )2 precipitates from 
pH 8*3 (0*01 M). In the hot, the precipitate 
yellows by dehydration. CdO is a deep brown. 
Cd(OH )3 redissolves slightly in strongly 
alkaline solution: Cd(OH) 4 ®", Cd(OH) 5 ®", etc. 
Neutralization yields at first basic salts and 
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adsorption compounds; thus the ‘basic sulphate’ exists up to a pH. of 10*6, 
and is not completely converted to hydroxide until a pH of 11-2 is 
reached. 

Low- solubility compounds. — A large number of salts and basic 
salts have a low solubility (carbonates, cyanides, phosphates, etc.). The 
sulphide is the least soluble. It is lemon-yellow to orange and is frequently 

10 “^ 


s 


10 ^ 
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FIG. 55. APPARENT SOLUBILITY OF CADMIUM HYDROXIDE 

AS A FUNCTION OF pH 

colloidal; it is insoluble even at pH 0-2. It is soluble in hot 7N-H2SO4 
(difference from copper). Its solubility in N-triehloroacetic acid is low in 
the cold (distinction from zinc). It is precipitated in 0*3N-HC1 and re- 
dissolves in more concentrated HCl. In HCl also, a precipitate of the 
chlorosulphide (CdCl)2S can be formed. 

Complexes. — Most anions form complexes with Cd^+. CdCl+, CdClg, 
CdClg-, CdCl42-, similar complexes with CNS-, Br“ and 1“ are formed 
(only up to Cdlg-); CdNOg, CdS04, CdiSO^)^^-, with SgOg^- etc. All are of 
low stability. 

The hydroxide Cd(OH)2 redissolves in NHg with formation of ammine 
complexes which are not very stable. Similarly, the cyanide complexes are 
not very stable either: CdCN+, Cd(CN)2 of low solubility, Cd(CN)g“, 
Cd(CN) 42 -. 

Equilibrium constants 


Cd(OH )2 4 , ^ Cd 2 + 4- 20 H- 13-5 

CdCOg 4 , ^ Cd2+ -f- COgS- 13-6 

CdC204 4 ^ Cd2+ 4- C 2 O 42 - 7*8 

CdC204 ^ Cd2+ + C 2 O 42 - 3*5 

Cd(C204)22-^ CdC 204 -f C2O42-- 1-8 

Cd(I03), 4 Cd 2 + + 210 3 - 7*65 

CdS 4 ^ Cd 2 + -f S 2 - 27*2-28*4 

CdCl+ ^ Cd2+ + Cl" --2 

Cd(S 203 ) 4 «-^Cd(S 203 ) 3 "- -f S2O32- - M 

Cd(S203)3^-^ Cd2+ 4- 3 S 2 O 32 ” 6-3 

Cd(CN)42- ^ Cd(CN)3” + CN-; pk4 = 3*6; pkg = 4-6; 

Cd(CN)2 4^; P^2 = pki = 5*5 
Cdcitr." ^ Cd^-^ + citr.^- ......... 4-3 

Cd(NH3)e2+ - Cd(NH3)52+ + NHg; pkg = - 1*7, - 0-7; 

pkg = — 0*3, — 0*4; pk 4 = 0*8; pkg = 1*3; 
pkg = 2*0; pki = 2*5 
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Redox 

Cd I - 2e^ Cd2+ Eo == - 0^40 volt 
A much poorer reductant than zinc. It is mainly attacked by nitric 
and hot cone, sulphuric acids. Cadmium salts are reduced by zinc in 
neutral solution. 

In 8N-KOH, E'q = — 0*8 volt. 



FIG. 56. — FORJVIAL NORMAL POTENTIALS OF THE 
REDOX SYSTEMS OF CADMIUM 

Detection. — As sulphide. — The formation of yellow cadmium 

sulphide is utilized (see p. 90). 

Solutions required* — 20 per cent KCN. 

Saturated NagS. 

Procedure. — ^To 2 drops of the sulphide solution, add 1 drop of the test 
solution. Wait. 

Concentration limit — 10“^ g.-ion/litre of Cd^+ (100 p.p.m.). 

Separation of interfering substances. — ^Numerous sulphides are coloured, 
and so the corresponding ions must be separated. A preliminary 
separation by NHg and NH4+ only leaves in solution the elements of 
the zinc group: Mn(II), Fe(II), Ni(II), Co(II), Cu(II), as well as a small 
amount of Hg(II), HAsOg and H3ASO4. Mn(II) and Fe(II) interfere, 
because they oxidize more or less rapidly in the air and give precipi- 
tates of hydroxide. They are precipitated at the same time as the 
hydroxides, after the prior addition of a little persulphate or HgOg. 

A second separation is necessary, which is effected with cyanide. 
Co and Cu give very stable cobalti- and cuprocyanide complexes from 
which the sulphides cannot then be precipitated. Hg(II) gives a stable 
complex, but the sulphide can be precipitated from it. HgS is however 
soluble in an excess of NagS. AsgSg and AsgSg are also soluble in an 
excess of sulphide, Ni(CN)42" is fairly stable, NiS is not precipitated 
if there is an excess of cyanide. ZnS and CdS precipitate, because their 
cyanide complexes are of low stability. 

The sensitivity of the precipitation of CdS depends on the concen- 
tration of the CN” which complexes the Cd^^. It is therefore desirable 
to add the least possible quantity of cyanide, but always sufficient to 
make sure that NiS does not precipitate. Hence the following pro- 
cedure. 

Procedure. — In a microcone, add 1 drop of cone. NHg to 1 drop of 
the solution under test and, if there is Mn^^ present, a crystal of 
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persulphate. Boil. Add 1 drop of cone. NH3. Centrifuge. Collect the 
solution in a second test-tube and add 1 drop of cyanide, which gives 
a precipitate which redissolves. Transfer 1 drop of this solution into 
2 drops of sulphide in a microcone. The yellow CdS precipitates. 
Wait. Centrifuge in order to collect the precipitate and make it more 
visible. 

If a black precipitate comes down, add a further drop of cyanide 
to the main bulk of the solution, withdraw 1 drop from it for repetition 
of the test with sulphide. 

Concentration limit. — 10“® g.-ion of Cd^+ per litre. A large excess of 
cyanide diminishes the sensithity. 

iMterfering substances . — The reaction is thus specific, but it must not be 
confused with white ZnS, which also precipitates, 2.10~® g.-ion/htre 
(200 p.p.m.). 


COPPER 
Cu = 6S-6 

States of oxidation. — In'the state of oxidation I copper is similar to 
Ag(I), T1(I), Au(I). Its abihty to exist in the II state classes it with the 
zinc group. The states I and II are similar to the corresponding states in 
mercury. Ill is unstable, but exists in some complexes and an oxide. 

10-^ 
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FIG. 57. — APPAEENT SOLUBILITY OF Cu(I) HYDROXIDE 
AS A FUNCTION OF JpH 

Cu(I) 

Influence of pH . — The cation Cu-i" scarcely exists in solution. The 
compounds in which Cu has the oxidation number I are all complexes or 
substances of low solubihty. CuOH can exist in solutions of pH around 3. 
It is yellow to orange and rapidly changes to CUgO. In very acid solution, 
CuOH disproportionates into Cu ^ and Cu^+. The 
properties of the chlorides, cyanides, and sulphates of 
the three neighbouring elements in column Ib are 
similar. 

Low- solubility compounds. — The majority of 
cuprous salts are in this category, and are white: 
CuCN, CuCl, CuBr, CuCNS, Cul; black Cu^S is com- 
pletely precipitated in 6N-HC1. It is redissolved in 
cone. HCl (forming complexes). 

Complexes. — ^Numerous complexes with Cl“, CN~, NH^, 

They are easily destroyed due to the precipitation of compounds whose 
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solubility is low. The complex cyanide, on the other hand, is very stable: 
CugS (and CuS) dissolve in CN". 

Equilibrium constants 

i-CuaO j + iHgO ^ Cu+ + OH- 14-9 

CUCI32- ^ CuClg- 4- C1-; pks = - 3*7; pkg = - 2-0; 
pki = 6*7; CuCl | 

CuBrg-^ CuBr | -f Br-; pkg = - 2-3, — 3*3; pki = 8*3 
Culg-^ Cul ^ + I~; pka = - 3*1, - 4*0; pkj == 12*0 
Cu(CNS)43 - - CuCNS 4. + 3CNS-; pk^ = - 4*3, - 6-0; pk^ = 13*4, 15-0 
Cu(CN)3- ^ Cu(CN)2 - + CN-; pk3 == 11-3; pk. = 4*2; 

CuCN 4,; pki = 19*5 

Cu(NH 3)2+^ CUNH3+ -h NHg; pk2 = 4*9; pkj = 5*4, 5*9 

CU2S4, ^2Cu+ + S2- 49*6 

Cu(H) 

Influence of pH. — The cation Cu^-^ is pale blue. Cu(OH)2, pale blue, 
becomes black on heating, because of dehydration. It precipitates at 
pH 5*0 (O-OIM), but in the majority of cases, basic salts or adsorption 
compounds are obtained which are also pale blue and which do not 
transform into the hydroxide unless the solution is more alkaline. 

Cu(OH )2 dissolves to a small extent in extremely alkaline solution 
giving blue anions CuOa^-. 
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FIG. 58. APPARENT SOLUBILITY OF Cu(II) HYDROXIDE 

AS A FUNCTION OF pH 

Complexes. — There are many, blue, yellow, green or brown. 
CuCl+ and CuClg are yellow. The ammine complexes are intense blue. 
The complexes with CNS" are brown; those with CN- are of low stability, 
destroyed by reduction. Fairly stable blue compounds are formed with 
hydroxy lated organic compounds. The complexes ivith COg^- are very 
unstable. 

Low- solubility compounds. — Numerous salts have a low solubility. 
The least soluble is the ferrocyanide (reddish browm) of low solubility in 
fairly weak acid; the black sulphide has a low solubility in N-HCl. CuS 
oxidizes slowly in the air. It dissolves slightly in ammonium sulphide, 
probably with the formation of ammine complexes. CuS also dissolves in 
cyanide with the formation of cuprocyanides, and it dissolves slightly in 
the polysulphides, yielding CuS 2^“. It is completely precipitated in 
6N-HC1 and redissolves in cone. HCl. 
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Equilibrium constants 


Cu 2 + 4 - H^O ^ CuOH+ + H+ 8 0 

2 Cu 2 + 4- H^O ^ Cnfim+ 4 - H+ 6-8 

2 Cu 2 + 4- HaO^ Cua 02 + 4- 2 H-^ 10-9 

Cu(OH )2 I ^ Cu2+ -f 20H-- 17*7-20 *0 

Cu(OH )2 I ^ CuOaH- 4- H+ 19 

CuOaH-^ CuOa^- 4 - H+ 13*1 

CUCI 42 - - CUCI 3 - 4 C1-; pk^ = - 2 * 2 ; pk^ = - 1*5; 
pkg — — 0*7; pki = — 0*2 

CuBr+ ^ Cu 2 + 4 Br- 0*0 

Cu(CN) 42 ~ ^ Cu2+ 4 4CN- 27*3 

CuS 04 ^ Cu2+ 4 SO 42 - - 1*0 for I = 1 

CuPaO,^--- Cu2+ 4 PaO-^- 13*2 

Cu(tart.)+ ^ 4 (tart.)" 2*2 

Cu(NOa)3-^ Cii(NOa )2 4 NOa"; pk^ = - 1-0; 

pka = — 1*0; jpki — 1*2 

Cu(NH3)52-^ Cu(NH3)42+ 4 NH 3 ; pk, - - 0*5; 

pk 4 = 2*0; pka = 2*7; pk^ = 3*3; 
pk^ = 4*0 

Cu(I 03)2 I ^ Cu2+ 4 2 IO 3 - 7*1; 6*9 

CUCO 3 I ^ Cu2+ 4 CO 32 - 9*9 

Cu(C 204)22-^ CuCa04 I 4 C 2 O 42 -; pka = 2*8; pk^ = 7*5 

CuS I Cu2+ 4 S2- 44*1 

Cu cupferrong | ^ 4 2 cupferron- .... 16*0 

Cu oxinca 4* ^ Cu 2 + 4 2 oxine" 23*4 

Redox 

Cu 4 , — c ^ Cu+ Eq = 0*52 volt 
Cu+ - c ^ Cu 2 -}- Eq = 0*17 „ 


We have seen (p. 92) that Cu+ disproportionates: 

I Cu2+ 1/1 Cu+ 1^ = 10® 

The redox system is thus 

Cu I - 2c ^ Cu2+ Eo = 0*35 volt 

The metal is attacked very slowly by strong acids, for example by 
dilute H 2 SO 4 , in the presence of air: 

2Cu I 4 4H+ 4 O 2 t 2 Cu 2 + 4 2 H 2 O 

Oxidizing acids attack it very rapidly, nitric acid with formation of 
NO, hot cone, sulphuric acid with formation of SO a* Copper salts are 
reduced to the metallic state by numerous reductants: phosphorous acid, 
Ti{III), V(II), hydrosulphites, Al, Fe, Zn, Cd, etc. 

Formal potentials , — In HCl, Cu(II) complexes: CuCl 4 ^~, CuClg”, CuClg, 
CuCl+, and complexes and low-solubility compounds of Cu(I): CuClg^", 
CuCla", CuCl 4 ^ , are formed. 

Typical redox systems are 

Cu I 4 Cl" — e ^ CuCl 4r Eo = 0*12 volt 

CuCl ^ Cu^-t 4 Cl“ Eq = 0*57 „ 



209 


Zinc Group 

or CuCl + Cl“ — 6 ^ CuClg Eq = 0*62 volt etc. 

The formal potentials for the main systems, as a function of — log Cl"*, 
are shown in fig. 60. 

There are numerous systems in ammoniacal solution. 

Cupric salts are poor oxidants, hut they are reduced when cuprous 
salts of low solubility can be formed, 

2Cu2+ -f 2CuI I 4* Ig 

2Cu(CN)2~>2Cu(CN) I + (CN)2 

Deep brown Cu(CNS)2 is reduced by sulphites with formation of low- 
solubility CuCNS (white). The reaction in any case proceeds at a slow rate 
even when no reductant is present. 

6 Cu(CNS )2 -f 4H2O — ^ eCuCNS I 4- SO^^- + hCN 4- 5CNS- 4- 7H+ 
Inversely, the cuprous compoxmds can be oxidized in the air, CuCl 3- 
for example. 

In alkaline solution saturated with oxides, the following are the 
formal potentials: 

2 Cu I - 2e + 20H- ^ CU2O | 4 - H2O - 0*36 volt (pH 14) 
CU2O I - 2e 4- 20H“ 4- H2O ^ 2Cu(OH)2 | . - 0*09 „ (pH 14) 
Cu(OH )2 can be oxidized to yellow CugOj, 0*50 to 0*65 volt at pH 14. 

Cu I ~ c + 2NH3 ^ Cu(NH 3 ) 2 + Eq = - 0*11 volt 
Copper is oxidized by the air in the presence of ammonia, and oxida- 
tion goes as far as the formation of the complex Cu(NH3)^+. 

In cyanide solution: 

Cu I 4- 2CN- - Cu(CN) 2-- 

and 

Cu I + 3CN“ - e ^ Cu(CN) 32- - 1-0 volt in 7M-KCN 

Cu2+ + SCN- + e^Cu(CN)3“ 

lCu2+L|CN-|3 
B = 1-34 + 0-06 log I Cu( Clb ^ r 



FIG. 59. ^APPROXIMATE FORMAL NORMAL POTENTIALS OF THE 

REDOX SYSTEMS OF COPPER AS A FUNCTION OF pH 

The cupricyanide is spontaneously reduced to the much less ionized 
cuprocyanide: 

2Cu(CN)3- + CN~ 4- H 20~>2 Cu(CN) 32- + CNO“ 4* 2H+ 
Disproportionations. — In fig. 59 it will be seen that there is no high 
concentration of Cu+ in strong acid. What is really striking here is that 
CuOH is less soluble than Cu(OH) 2. It is by this phenomenon that dis- 
proportionation is avoided and CuOH can exist. 
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In fig. 60, it will be seen that the formation of low-solubility CuCl and 
of CuCl 2 " stabilizes the element in the I oxidation state and impedes its 
disproportionation. 
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FIG. 60. APPROXIMATE FORMAL NORMAL POTENTIALS FOR THE 

REDOX SYSTEMS OF COPPER AS xV FUNCTION OF — log | Cl~ ] 

Detection 

(1) Ammonia. — Blue coloration due to the formation of ammine 
complexes. 

Concentration limit, — 10“® g.-ion of Cu^^ per litre, or 60 p.p.m. 
Interfering substances. — Ni^+ gives the same coloration. Numerous 
ammine complexes give interfering colorations: Co 2 +, etc. The pre- 
cipitate of hydroxides, which are of low solubility in ammonia, in 
general occludes small quantities of Cu^^. 

(2) Mercurithiocyanate (see p. 187). — In neutral or slightly acid 
solution, copper salts in the presence of zinc salts give a pale violet to 
deep violet precipitate of the mixed mercurithiocyanates of the two 
elements. This only occurs over a certain range of | Zn^+ |/| Cu^^ |. 

The reaction can also be used for the detection of Co(II) and Zn(II) 
(q.v.). 

Solutions required. — (1) Solution of ammonium mercurithiocyanate: 


Mercuric chloride 30 g 

Ammonium thiocyanate 33 g 

Water 100 ml 

Warm to promote solution. 


(2) Solution of ZnClg, 0*1 per cent. 

Procedure. — To one drop of solution add 1 drop of the zinc solution, then 
2 drops of the reagent. Wait. 

Concentration limit. — 10~^ Cu^^ per litre, or 6 p.p.m. 

Interfering substances. — If there is too large a concentration of Cu^+ in the 
solution, a precipitate of copper mercurithiocyanate comes down. 
Repeat the test after diluting the solution. 

If there is a large proportion of Co^+, the formation of a blue 
precipitate of cobalt mercurithiocyanate can interfere. Repeat the test 
after dilution. If the amount of Co{II) is really too large, convert it to 
the cobaltiammine state by adding 1 drop of 5-voL HgOg and 1 drop 
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of 1 /I ammonia. Reaeidify with 2 drops of 4N-HC1, and repeat the 
test immediately. 

Fe^+, which gives a red coloration with free CNS”, can give a 
violet colour to the precipitate of zinc mercurithiocyanate by adsorp- 
tion. It must be complexed, before test, with a little solid NaF. 

If, however, Fe^+ is simultaneously present, it will become a strong 
reductant on account of the presence of F“ ions, and will reduce 
Cu2+. It is then necessary, if it is desired to complex Fe®+, to oxidize 
the Fe2+ to the same state beforehand, by adding a crystal of per- 
sulphate, the excess of which is destroyed by boiling. 

V(IV), if very concentrated, should also be oxidized beforehand. 


15 



CHAPTER V 


LEAD. BISMUTH. MERCURY 

GENERAL PROPERTIES OF THE ELEMENTS WHOSE 
SULPHIDES ARE OF LOW SOLUBILITY 

THEY belong in general to the b sub-groups of the periodic table. 


I 11 III i IV i V 

, 1 

1 VI VII 

I 1 

Cu(I) Zn(n) Ga(III) j Ge(IV) As(V) j 

Ag(I) i Cd(II) In(III) j Sn(IV) i Sb(V) 

Aii(I) i Hg(II) Tl(III) 1 Pb(IV) i Bi(V) 

Se(VI) Br 
Te(VI) ! I(VII) 


The cations, in general, increase in acidity in the direction of the 
arrows. 

Note , — The analogies between the elements are closer in the first and 
second lines: Cu(I)-Ag(I), Zn(II)-Cd(II), Ga(III)-In(III), Ge(IV)-Sn(IV), 
As{V)-Sb(V)» Se(VI)-Te(VI). 

The same remarks can be applied to the lower states of oxidation. 

Js Ga(I) Ge(II) As(III) Se(IV) Bi(V) 

In(I) Sn(II) ! Sb(III) , Te(IV) I(V) 

T1(I) Pb(n) Bi{m) 


LEAD 
Pb = 207-2 

States of oxidation. — The most important are II and IV. 

Pb(II) 

Influence of jpH. — The cation Pb^^ is colourless. The white hydroxide 
Pb(OH )2 is amphoteric: it precipitates at pH 7*1 (O-OIM) and redissolves 
at above pH 13-0 to ;^deld the anions PbO^^" and HPbOg". The oxide 

PbO can be red or yellow. 

The basic salts (e.g. PbOHCl, ace- 
tates and nitrates) precipitate during 
the neutralization. 

Complexes. — There are not many 
of these. No stable ammines (distinction 
from Ag+, Cu+, Cu^+j Cd2+, etc.). 
Unstable complexes: PhNOg^, PbCl+, 
PbCIo, PbClg-, PbIs- Pb(CN) 42 -, etc. 
Fairly stable acetate, thiosulphate, 
hydroxylated organic compound com- 
plexes. 
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FIG. 61. APPARENT SOLUBIL- 

ITY OP Pb(II) HYDROXIDE 
AS A FUNCTION OF pH 
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Low- solubility compounds, — ^The solubility of the majority of the 
salts is low. PbClg, PbBrg, yellow Pbig, more soluble in the hot, crystalliz- 
ing in shining plates on cooling. PbFg, PbSO^, the latter dissolves in a 
large excess of acetate ions whence Pb(II) can be reprecipitated by the 
addition of acid, S04^“ or Cr04^“ ions. The least-soluble salts are the 
yellow chromate and the white phosphate, the solubility of both of which 
is low in 2N acetic acid, and the black sulphide, whose solubility in 
2N-HC1 is low. All these compounds, with the exception of the sulphide, 
dissolve in 2N-NaOH. PbS is slightly soluble in 1-5N-HC1, and dissolves 
rapidly in 4N-HC1 (complex formation). Hydrogen sulphide in dilute 
hydrochloric acid gives at first a red sulphochloride, then black PbS. 
PbS is oxidized by HNOg. 

Equilibrium constants 


PbClg I Pb2+ + 2C1- 3*7 

PbCls- ^ PbCla + Cl" - 1*8 

PbCU PbCl+ + Cl" 1*1 

PbCl+^Pb 2 + + Cl" 1 * 1 ; 1*6 

PbBrOs ^ ^ Pb2+ + BrOg- 1-7 

PbBrg I Pb 2 + -f 2 Br" 5*2 

PbBr+;=^Pb2+ - 1 - Br" 1*1 

PbF. I ^ Pb 2 + + 2 F- 7-4 

Pblo I ^ Pb 2 + +21- 7‘9 

Pbig- ^ Pb2+ + 31" 5-4; G-3 

PbI+^Pb2+ + I- 1-5 

PbSO^ I Pb2^ + SO 42 - 7*7 

Pb(CN)42- ^ Pb2+ + 4CN" 10*3 

PbC .04 ; ^ Pb2+ + C 2 O 42 - 10*5 

PbHP04 I ^ Pb2+ + HPO 42 - .... 10-11*4 

Pb(I03)2 4 . ^ Pb2+ + 2 IO 3 - 12*5 

PbCOg j ^ Pb2+ + CO 32 - 12-8 

PbCr04 I ^ Pb2+ + Cr042- 13*7 

Pb(OH )2 4 , ^ Pb 2 + + 20H- 15*6 

Pb(OH )2 I ^ HPbO." + H+ ..... 15 

Pb3(P04)^ I ^ 3Pb2+ + 2 PO 43 - .... 32*0 

PbS I ^ Pb2+ + S2- 29 


Pb(CH3COO)42-^ Pb(CH3COO)3- + CH3COO-; pk4 = 0*5; 

pkg + pkg = 0-2; pki = 1-4, 2-2 
Pb(S202)3‘^-^ PbCSoOg)^^" + S2O32-; pkg = 1-2; 
pko + pkj = 5*1 

PbS.Og I ^ Pb2+ + S0O32- 6-4 

Pb(CNS)6"" ^ + 6CNS- .... - 0*3 

Pb(CNS)2 I ^ Pb2+ + 2CNS" 4*7 

Pb(IV) 

Influence of pH. — The cation Pb^+ is very acid and scarcely exists 
in solution, even when it is very acid. PbOg, brown (the depth of shade 
varies), is formed. The hydroxide redissolves in dilute caustic soda giving 
Pb(OH)62- or PbOg^-. ‘ 
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Complexes. — In concentrated HCi or fairly concentrated H2SO4, 
complexes are formed. E.g. PbClg^", PbClg-. 

f0“^ 

s 


10 "^ 

FIG. 62. — APPARENT SOLUBILITY OF Pb(IV) HYDROXIDE 
AS A FUNCTION OF pH 

Equilibrium constants 

Pb(OH)4 I ^ Pb4+ + 40H- 65*5 

^ PbO^^- + 2Pb2+ 50-3 

Redox 

(1) Pb — 2e^ Pb2+ Eq “ ~ 0*13 volt (slow) 

Lead is attacked by nitric acid and by hot concentrated sulphuric acid 
which dissolves the PbS04 formed. It is gradually attacked by HCI and 
concentrated HI with the formation of complexes. HF has no action. 

Pb I + 20H- - 2e ^ PbOg^- + 2H+ . . - 0*60 volt (N-KOH) 

(2) Pb4+ + 2e ^ Pb2+ Eo = 1*75 volts 

PbOs ^ -f 4H+ + 2e^Fh^+ E^ = 1*47 „ 

in solution saturated with PbOg in 6M-H2SO4: 1*7 volts. 

In HCI we have 

PbCIa I + 3C1- - 22^ PLCI5 - Eq = 1-39 volts 
PbOa is reduced in acid solution by sulphurous acid, oxalic acid, hot 
HCI, etc. 

In alkaline solution PbO is oxidized to Pb304 or PbaOg (which dis- 
proportio nates very slowly), and PbOg. 

Pb304 I + H2O + 2e^ 3PbO 4 , + 20H- Eq = 0*25 volt 
SPbOg 4, + 2H2O + 4e^ Pb304 4 , + 40H- Eq = 0*32 „ 

SPbgOs 4, + H2.O + 2e^ 2Pb304 4. + 20H- Eo = 0*40 „ 

In strongly alkaline solution, PbOg^- as well as Pb(OH)2 oxidized 
by persulphates, h>q)ochlorites, etc. In strongly alkaline solution, PbOg^™ 
is first oxidized to Pb^Oa or Pb304 which precipitate, then to PbOg^-. 

SPbOa^” + 4H+ + 2e^ Pb304 4, + 2H2O E = 0*3 volt 

Pb304 4, + 50H- - 46 3Pb032- + 5H+ E = 0*3 „ 

(in N-KOH saturated with the oxides). 

Detection 

(1) Precipitation of lead chloride. — If Pb^+ is present in large 
quantity, PbCl2 is precipitated at the beginning of the anal3’'sis. It is 
soluble in boiling water and crj-stallizes in w-hite platelets on cooling. 
Concentration to IO-2 g.-ion of Pb2+ per litre (2^20 mg/ml). 

Interfering ions, — ^Ag(I), Hg(I), T1(I), precipitate under the same con- 
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ditions. Hg(I) and T1(I) redissolve in the presence of oxidants such 
as chlorine water. If T1(I) and Tl(III) are oxidized by chlorine 
water and if the precipitate of chlorides is centrifuged at the boil, the 
crystallization of PbClg on cooling is specific. 

EMts) 

1*8 

1-4 

1-0 

0-6 

0-2 

- 0-2 

- 0*6 

- l-O 

FIG. 63. — ^^VPPROXIMATE FORMAX. NORMAL POTENTIALS FOR THE 
REDOX SYSTEMS OF Pb AS A FUNCTION OF pH 

(2) Precipitation as lead sulphide. — Black lead sulphide cannot be 
used to characterize lead until after numerous interfering ions have been 
removed. 

Solutions required. — Saturated sodium sulphide. 

4N-NaOH. 

20 per cent KCN. 

Procedure. — To separate the interfering ions, add 4 drops of 4N-NaOH to 
1 drop of the solution. Boil. Centrifuge. The solution should be colour- 
less, and if it is not, dilute, boil, and re-centrifuge. Add 1 drop of the 
solution to 1 drop of cyanide, and 1 drop of sulphide. A black pre- 
cipitate indicates lead. 

Concentration limit. — In general, after the separation, 10“^ g.-ion of Pb2+ 
per litre (200 p.p.m.). 

Interfering substances. — T1(I) interferes. It can be previously oxidized to 
Tl(III) before separation. Bi(III) gives the same reaction. 

BISMUTH 
Bi = 2090 

State of oxidation. — III in the bismuth salts, IV and V 
in the solid state only. 

Bi(III) 

Influence of pH. — At pH 0, the cation Bi®+ predominates. In less 
acid solutions more or less condensed basic ions are formed which can be 
formally represented as BiOH^-^, BiO+, or BigO^*^, BigOg^^, etc., all 
colourless. Above pH 2*2, basic salts such as BiOCl can precipitate 
(analogy wit hSb(III) ). In sufficiently alkaline solution, white Bi(OH)3 is 


As 

Sb 

Bi 
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obtained. In the hot, yellow BiOOH is the final product. is yellow 

to deep brown. In hot concentrated NaOH, there is a slight dissolution of 
this oxide to yield the anions BiOg". 

Complexes. — Tartral * not very stable (difference from Sb(III) 
which yields tartrate complexes which are much more stable); no ammines 
(difference from Cu^h-, Ag+ Cd^-f, etc.); BiCl^- BiClg^- BiClg®-, BigClgS- 
etc., complexes with mannitol, with CNS”, etc., none very stable. More 
stable complexes with with I”, Bilg^-, Bilg®', etc., orange. 

Citrate and oxalate complexes are known. 

Low- solubility compounds. — The white phosphate BiP04 has a 
low solubility in 2N-HNO3, but is soluble in 2N-HCi (complexes). Black 
Bilg and orange BiOI. BigSg browmish black. The orange chromate and 
dichromate have a low solubility in 2N acetic acid. The solubilities of the 
oxalate and iodate are also fairly low. 

Organic solvents. — Complex with I“, soluble in alcohols and esters. 


Equilibrium constants 

Bi3+ + HgO ^ BiOH2+ + H+ . . . . 2 

BiOH2+ ^ BiO+ + H+ . . . . . 2 

BiOCl ^ BiO+ + Cl- 8-2-9-2 

BiCl^- + H.O ^ BiOCl I + 3C1- + 2H+ . . 0*1 

Bi(OH)3 I - + 30H- 30 

BiOOH I ^ BiO+ + OH- 12;11 

BiP04 I ^ Bi3+ + PO43- 20;19 

BigSg I ^ 2Bi3+ + 3S2- 71-8 

Bi(CNS)63- ^ Bi(CNS)52- + CNS-; ^jkg + ^>k4 - 0*8; 

pk^ + pks = 1*2; pko = 1*1; pki = 1*0 
BiONOa j 4- 2H+^ Bi3+ + NO3- + HgO ... 2*6 

Bi cupferrong | ^ Bi^+ + 3 cupferron- . . , 27*3 


Redox. — (1) Bi^+ -f 3c ^ Bi | Eg = 0*23 volt (fairly slow) 

In HCl: BiOCl | + 2H+ + 36 ^ Bi | + HgO + Cl“ 

E'o - - 0*05 volt in 5N-HC1; 0*0 voltinN-HCl 
In alkaline solution: BigOg | + 6H+ -f 66^Bi ^ + SH^O 
Eq = — 0*41 volt in N-NaOH saturated with oxides 

The metal is thus a relatively poor reductant. It is attacked by con- 
centrated nitric acid and hot concentrated sulphuric acid. Bismuth salts 
are reduced by metallic tin, by Sn(II) in alkalis, and by Ti(III) in acids. 

(2) HBiOg I + 5H+ + 2c ^ Bi3+ + SH^O E 1*7 volts at pH 0 

(calculated) 

In alkaline solution, oxidation of BiOg- gives successively Bi407 and 
then Bi204, both having low solubility. 

2Bi203 + HgO — 26^ Bi407 ^ + 2H+ E = 0*5 volt 

Bi407 I + H2O - 2e^2Bi204 | + 2H+ E = 0*6 „ 

(both in N-NaOH saturated with oxides). 

NaBiOg or Na3Bi04, whose solubility is low, is prepared by the action 
of fused sodium peroxide on BigOg; by the oxidation of BiOg” by hypo- 
chlorites or by HgOg in alkaline solution. 
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Bi(V) oxidizes nearly all the systems in acid solution in the cold. 
Ce(III) gives Ce(IV), Mn(II) gives MnO^". The excess of oxidant is easy 
to separate by filtration. 

Detection 

(1) Reduction by tin. — drop of solution placed on a piece of tin 
foil gives immediately a black stain of metallic bismuth. 

Concentration limit. — 5.10~^ g.-ion of Bi(III) per litre, or 100 p.p.m. 
Interfering ions. — Ag+, Hg2+ and Hg 2 ^‘*', Sb(III) give the same reaction. 
As(III) gives brown-black arsenic slowly, more rapidly in HCl and 
when the As(III) is concentrated. Mo(VI), W(VI), and V(V) give blue- 
black oxides, which are precipitated very rapidly in very acid solution. 

(2) Precipitation of bismuth by stannite. — Bismuth is precipitated 
as metal by reduction with stannous salts in alkali. 

Solutions required. — 5 per cent SnClg in 2‘5N-HC1. 4N-NaOH. 

Procedure. — Place a drop of stannous chloride on a spot plate, add 2 drops 
of caustic soda, stir, then add a drop of the solution under test. If Bi 
is present, a black precipitate appears immediately, or after a few 
seconds at the most. 

Concentration limit. — 5.10"^ g.-ion /litre, or 100 p.p.m. 

Interfering substances. — ^(1) The solution should be sufficiently alkahne to 
avoid the precipitation of black Sn(OH 2 ). In too alkaline solution, 
stannous tin disproportionates very slowly, giving a precipitate of tin. 
Hence stannite is prepared as part of the test. 

(2) Mercury gives the same reaction; it is separated by heating, in 
a small tube on a water bath, 1 drop of the solution, 1 drop of 4N-HC1 
and powdered antimony; decant and remove 1 drop of the super- 
natant liquid for test. The sensitivity is not decreased. 

Lead precipitates very slowly, but in a saturated solution of 
PbClg the precipitate does not appear for 10-15 minutes; thus it does 
not interfere. Ag, Au, Te, and metals of the platinum group also 
precipitate. 

Fe(II) is capable of precipitating lead in alkaline solution. It should 
therefore be oxidized beforehand by a little persulphate, the excess of 
which is destroyed by boiling for 30 seconds. 

(3) The presence of considerable quantities of coloured hydroxides 
can interfere; CuOH (or CugO), orange, then precipitates but does not 
prevent the observation of a black precipitate. 

MERCURY 
Hg = 200-6 

States of oxidation. — 1+ in which mercurous mercury is similar to 
cuprous copper, to Hg(I) and Au(I), 11+ in which mercuric mercury is 
similar to copper and lead. 

Hg(I) 

In the oxidation state I mercury falls into the silver group (see p. 242). 
Influence of pH . — The mercurous ion Hga^^ (condensed ion) is 
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colourless. From pH 3-4 (O-OIM), it ceases to exist as a result of 
disproportionation into HgO and black mercury. The corresponding 
hydroxide is not known (fig, 64). 

Water causes the precipitation of yellow or brown basic salts. 

Low- solubility compounds. — The only soluble ones are the nitrate, 
the perchlorate, and the acetate. The halides are of very low solubility. 
Ammonia causes HgaClg to go black as a result of the formation of 
mercury (disproportionation) (see p. 102). 

The chromate is red, the iodide green, the sulphide black; the other 
salts are white. 


Equilibrium constants 


Hg^Cla 1 ^ Hg22+ + 2C1- . . . 

. 17*5; 18*0; 16*9 (I 

= 0*5) 

HgaClj-^Hg^CU 1 + Cl- 



Hg2Cl42-^Hg2Cl3- + Cl- . . 

- 1 


HgjBrs 1 ^ llg,J+ + 2Br- . . . 

. 21-3 (I = 0*5) 


Hg^Is 1 ^ Hg,^-+ + 21- . . . 

. 23*3; 27*9; 27*5 (I 

= 0*5) 

Hg3(I03)3 ^ Hg3=+ + 2IO3- . . 

. 18*7; 19*5 


Hg3(CN)3 1 ^ Hg3^+ + 2CN- . . 

. 39; 39*3 


HgsCjO^ 1 ^ Hg3^+ + . . 

. 13-0 


HgjS 1 ^ Hg32+ + S^- . . . 

. 30; 45 


Hg3(CNS)3 1 ^ Hg32+ + 2CNS- . . 

. 19*5 


Hg3C03 1 ^ Hg3^+ + CO32- . . 

. 16 


Hg^SO^ 1 ^ Hg3=+ + SO42- . . 

6*3 


HgjCr04 1 ^ Hg,2+ + 0104^- . . 

8*7 



Hg(II) 

Influence of pH. — The mercuric cation is colourless. Yellow 

HgO (red in the hot) precipitates at pH 2*0 (0*01 M) in a solution not 
containing complex-forming ions (C104“). In very strong alkali HHgO^" 
commences to form. When neutralizing there is generally a precipitation 
of basic salts such as HgOHCl or HgO,HgCl2; the same with 804^” and 
NOg"; they are yellow or red. HgClg gives a precipitate at pH 7 and 
Hg(N03)2at pH 2. 

Complexes. — They are very numerous and often quite stable: 
chlorides: HgClg in particular is soluble and little ionized; the bromide 
and iodide complexes are more stable: Hgl42“ in particular; thiocyanates 
up to Hg(CNS)42“; very stable cyanides: Hg(CN)2, Hg(CN)42-. 

Ammines of low stability; sulphite and thiosulphate complexes. 

Note . — HgClg is slightly volatile in water vapoirr. 

Low- solubility compounds. — Hglg red, Hg(CNS)2 white, etc. 
Ammonia causes a precipitation of the very low solubility white com- 
pound HgNHgCl when it acts on a solution of mercuric chloride, as a 
result of disproportionation of ammonia: 2NH3 ^ NH4+ + NHg". NHg^ 
is a very strong base; the compoimd is soluble in acids and also in NH4+ 
by displacement of the preceding equilibrium. Basic precipitates can also 
be obtained: HgO.HgNHgNOg white, and HgO.HgNHgl orange. 

The sulphide, generally black, can be obtained in cinnabar red in the 
dry way. It is not attacked by hot dilute nitric acid or by concentrated 
HCl. It is one of the least soluble substances met with in qualitative 
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analysis. In the presence of an excess of sodium sulphide, it dissolves 
slightly giving HgSg^"", but does not do so in ammonium sulphide. 
Passage of hydrogen sulphide into the solution of a mercuric salt in 
hydrochloric acid can give rise to the formation of a yellowish-white 
precipitate of the chlorosulphdde Hg3S2Cl2 whose solubility in concen- 
trated HCl is small; it becomes reddish brown, then black, by the action 
of HgS. 

Organic solvents. — HgCls is soluble in alcohol and in ether. Hgl^ is 
soluble in alcohol, ether, and benzene. 


Equilibrium constants 

Hg2+ H2O ^ HgOH+ + H+ 2-7; 2*8 

HgOH+ 4- H2O ^ Hg(OH)2 + H+ 3 5 

HgO + H2O ^ Hg2-i- 4- 20H~ 26 

HgS j ^Hg2+ 4- S2- 53-5; 51-0; 52-5 

HgS22 --Hg 2+ 4- 2S2- 54*7 


Hgl4““^ Hglg- 4- I“; = 2-2; ^jkg == 3*8; pkg = 10*9; 

pki = 12*9 (Hglo dissolved; I = 0-5; 25°); 

pkj 4- pk, 4- pkg 4 - pk4 = 29*8 (I = 0*5); 

30*3; 30; 31 

Hgla I ^ Hgla 4*1 (I = 0*5) 

Hgla j ^ Hg2+ 4-21- 28*3; 25*6 

Hg(CN)42- - Hg(CN)3- 4- CN-; pk4 - 3; 

pki 4- pka 4- pkg 4- pk4 = 40*5; 41-4 
Hg(CNS)42- - Hg(CNS)3- + CNS-; pk4 = 0*6; pkg - 1*7; 

pka 4- pki = 19*7; pk^ 4- pkg 4- pkg 4- pk4 
= 22*7; 19*3 (Hg(CNS)2 dissolved) 

HgCl42- ^ HgClg- 4- C1-; pk4 = 0*8; pk3 = 1*0; 

pk, = 6*5; pki = 6*7 (I = 0*5) 

Hg(NH 3 ) 42 +^ Hg(NH 3 ) 32 -^ + NHg; pk4 = 0*8; pkg = 1*0; 

pkg = 8*7; pkj = 8*8 

HgBr42“ ^ HgBrs- 4- Br"; pk4 = 1*3; pkg = 2*4; 

pk, = 8*3; pki = 9*0 (I = 0*5) 

Redox 

2Hg2+ + 2e^ Hga^"^ Eq = 0*91 volt 

In HCl the solubility of HggClg is low and HgClg is little ionized; there 
are complex ions as well. 

Hg2^'^ 4" 2^ ^ 2Hg Eq = 0*80 volt 
In 4N-HCIO4, E'o — 0*66 volt. In Cl” it is 0*25 volt in saturated KCl, 
0*28 volt for M-KCl, 0*33 for 0-lM-KCl (calomel electrodes). 

Mercury is attacked by oxidants like nitric acid, hot concentrated 
sulphuric acid and by HI, giving Hgl42-. 

Mercuric salts are easily reduced to the mercurous state and almost as 
easily to mercury by nearly all metals including copper, by Sn(II), Fe(II), 
etc. The formation of low-solubility HgaClg favours the halting of the 
reduction at oxidation state I. 

In alkaline solution 

Hg I _ 2e 4~ 20H - ^ HgO ^ 4- HgO Eq = 0*15 volt 
in N-NaOH saturated with the oxide. 
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Disproportionations. — It is seen on fig. 64 that HggO cannot be 
formed. When the becomes sufficiently large Hgg^+^disproportionates 
into HgO and Hg. In the presence of NH3, both Hg2Cl2 and NHg dis- 
proportionate: 

HgsCla I + 2NH3-> HgNHaCl | + Hg ^ 4- NH4+ -1- Cl" 

Hg2S gives HgS + Hg. 

Hg2(CN)2 of low stability also gives Hg(CN)2 + Hg. 

Hg2l2 in the presence of excess of 1“ gives Hgl4^~ + Hg. 

HggCla in concentrated Cl~ in the hot gives HgCl4^“ and Hg. 

Only those mercurous compounds whose solubility is very small 
relative to that of the corresponding mercuric compounds can exist 
(Table, p. 218). 



THE REDOX SYSTEMS OF MERCURY IN PERCHLORATE 
SOLUTION AS A FUNCTION OF pH 

Detection 

(1) Reduction to metal. — A drop of a very acid solution gives a 
brilliant white stain of amalgam on a piece of polished copper. Wait 1 or 
2 seconds, then rub in a stream of water. The amalgam disappears on 
heating. If the concentration of mercury is high a black precipitate of the 
very finely divided metal can be obtained. Repeat the operation in more 
dilute solution. 

Concentration limit — 5.10“^ g.-ion of Hg per litre (100 p.p.m.). 
Interfering ions. — Ag+ sometimes gives a similar precipitate but it is not 
present in hydrochloric acid solution. As, Sb, Bi come down very 
slowly as black precipitates. Black precipitates are also given by 
metals of the platinum group and gold. 

(2) Reduction by stannous chloride. — In HCl solution a white 
precipitate of mercurous chloride is first obtained, which is reduced to 
black mercury by an excess of stannous chloride. 

Concentration limit — 10~^ g.-ion of Hg per litre (200 p.p.m.). 

Interfering substances. — Ag+ gives black silver. As(III) is reduced in hot 
12N-HCL W(VI) gives deep blue W2O5. The precious metals pre- 
cipitate. 

(3) Action of ammonia on mercurous salts. — ^Ammonia gives a 
black precipitate of metallic mercury with mercurous salts. 

Hg2Cl2 4, + 2NH3~> HgNHsCl 4, + Hg | + NH4+ -f- Cl" 
Concentration limit. — 4.10“^ g.-ion of Hgg^^ per litre (200 p.p.m,). 




CHAPTER VI 


ARSENIC GROUP 

ARSENIC. ANTIMONY. TIN (GERMANIUM). 
VANADIUM. MOLYBDENUM. TUNGSTEN 


THE sulphides of this group redissolve in alkaline solution forming anions 
and also in solutions containing an excess of 8^“ ions with the formation 
of sulphide complexes. 

The analogies between the different elements permit their classifica- 
tion in two sub-groups: 

(1) As(III) and As(V)— Sb(III) and Sb{V)— Sn(IV)— Ge(IV). 

(2) Mo(VI)™W(VI)— V(V). 

I. ARSENIC— ANTIMONY— TIN— (GERIVIANIUM) 

Common properties. — These can be deduced from their respective 
positions in the periodic classification. The hydroxides and sulphides give 
anions. 

Pb^+ only exists in very small concentration corresponding to the very 
low solubility of PbOg. Sn^+ is more acid; it scarcely exists. Thus in 
sulphate and chloride solutions it is present in the form of complexes. 
SnS^ has a very low solubility. Sb®+ and As®+ thus do not exist. As(V) 
exists in H3ASO4 and in As 385, which is very little ionized into ions. 
Pb(OH)2 is soluble in alkali, giving anions. The same is true of HgSnOg; 
H3ASO4 is the most acid and the anions are more stable. On the other 
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FIG. 65. ^APPARENT SOLUBILITY OF THE 

SULPHIDES OF ARSENIC, ANTIMONY, 
AND TIN AS A FUNCTION OF pH 


hand it is soluble. Ge(IV) is placed between Sn{IV) and As(V). The 
oxidation number of the other basic oxidation state is less by 2 units. 
The same rules apply. The cations are less acid than the corresponding 

221 





222 Qualitative Inorganic Analysis 

cations of the higher oxidation state. is the most acid and only exists 
in a very small, very acid region. Apart from Pb®+ they are all very acid. 

Finally there is a negative oxidation state: As(III"), Sb(III“), Ge(IV-) 
and Se(II~), Te(II“); there are closer analogies between Sn and Ge, and 
As and Sb. 

Solubility of the sulphides. — The solubilities of the sulphides as a 
function of pH are showm qualitatively in fig. 65. 

In acid solution for example: 

AS 2 S 3 j + 3H+ + 2H20-^ 3 H 2 S + 2 HASO 2 

In alkaline solution 

2AS2S3 I -f 40H-^ ASO2- -f SAsSo- + 2HoO 

In the presence of an alkaline sulphide 

AS2S3 I + S2-— > 2ASS2- 

Volatility of chlorides. — AsClg, SbClg, SnCl 4 , GeCl 4 are volatile and 
are lost when the solution in hydrochloric acid is evaporated to dryness. 

ARSENIC 
As == 74*9 

States of oxidation. — III“, III+, V+ in 
which arsenic is very similar to antimony. 

As(III~). Arsine ASH 3 

This is a gas, with a garlic odour, of low 
solubility and little ionized. As®~ is extremely 
basic. 

Arsenides are decomposed by water, with 
liberation of arsine, except those whose solu- 
bility is very low, such as Ag 3 As which is black. At 400-500° AsHg breaks 
down to arsenic. 

As(III) 

Influence of pH. — In concentrated acid solution the colourless AsO+ 
is present. Then HAsOg, arsenious acid, is formed, colourless and soluble 
( 0 - 2 M). Above pH 9-2 only the colourless anion AsOg" is present. 

Arsenious oxide AsgOg is a white solid volatile at 220°. Its various 
modifications are fairly soluble in water and only hydrate very slowly to 
HAsOg; they dissolve in concentrated HCl or in strong alkali. 

Low- solubility compounds. — The alkali arsenites are soluble, the 
others are soluble in acid. AggAsOg is yellow. The sulphide AsgSg, yeUow 
to orange, has a low solubility in hot 6N-HC1 and in cold 12N-HC1. It 
redissolves from pH 7-8. It is often colloidal, flocculated by NH 4 + and by 
H+. It is attacked by oxidants: bromine and hot concentrated nitric acid, 
giving ions of arsenic acid H 3 ASO 4 . 

AsIg, orange, has a low solubility. It precipitates in concentrated acid. 

Complexes. — In hydrochloric acid, AsOCl, AsOHClg, AsClg exist. 
AsClg boils at 130° but commences to volatilize at 110°. 

Sulphide complexes are destroyed below pH 8 . 
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Equilibrium constants 

AsO+ + H 2 O ^ HAsOs + H+ . . . -0-3 

HAsOs^ AsOr + H+ .... 9-2 

AsgSg I + 4H2O ^ SHgS H- 2HASO2 • • - 22-7 

As(V) 

The cations scarcely exist; they are strong acids. The ions AsO^+ and 
AsOg+s which can only exist in very small concentrations, have been 
reported. In acid solution arsenic acid H 3 XA.SO 4 , colourless and soluble, is 
formed. In properties it resembles H3PO4. Anions corresponding to ortho- 
and meta-arsenic acids analogous to those of the corresponding phos- 
phoric acids are known (see p. 301). The acidity constants of H 3 ASO 4 are 
pkg = 2-3; pka = 4*4-6‘8; pk^ = 9*2-11 *5. 

Complexes. — In particular the tartrate complexes should be men- 
tioned. Also those with Mo(VI), W(VI), etc., complexes such as 
H 7 [As(Mo 207 ) 5 ] whose yellow alkali salts are of low solubility in strong 
acid; the complex is destroyed in alkaline solutions. Complexes with 
polyhydric alcohols are formed. 

Low- solubility compounds. — The arsenates are analogous to the 
phosphates. Only the alkali arsenates are soluble; the others are soluble 
in acid solution. Reddish-brown Ag 3 As 04 only precipitates in neutral 
solution. Ammonium magnesium arsenate MgNH 4 As 04 is analogous to 
the phosphate. 

YeUow AsgSg is obtained by precipitation with hydrogen sulphide 
from hot, very acid solution, e.g. cone. HCl. Its properties are similar to 
those of AsgSg, It is slightly more acid. In less acid solution or in the cold, 
hydrogen sulphide reduces the arsenate ion extremely slowly, precipitat- 
ing arsenious sulphide and sulphur. It is for this reason that arsenate 
solutions are often reduced by SO 2 before precipitating by hydrogen 
sulphide. It is more convenient in this case to use a little iodide which 
catalyses the reduction of As(V) by hydrogen sulphide. 

Organic solvents. — The arsenimolybdic complexes are soluble in a 
number of organic solvents, in particular in alcohols. 

Equilibrium constants 

H3As04^H2As 04- -f H+; pkg = 2*3; pka = 4-4-6‘8; pk^ = 9-2-11-5 
Ag3As04 ^ ^ 3Ag+ -f ASO 43 - 22 0 

Redox. — (1) As | -f 3H+ + AsHg f 

Reduction is effected by zinc in acid. 

Eq calculated = — 0*54 volt, saturated solution of x^sHg. 

As I -f 3 H 2 O + 3e ^ AsHg f + 30H-; - 1-37 volt (calc.) 

(2) HASO 2 + 3H- + As I + 2 H 2 O Eo = 0-25 volt (slow) 

The arsenious salts are reduced in concentrated HCl by Sn(II), and by 
hypophosphite on the water bath to a brown precipitate of colloidal 
arsenic (slow reaction). Tin only reduces them very slowly (difference 
from Sb). Arsenic is attacked by nitric acid finally giving H 3 ASO 4 . 
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(3) As(V) + 2e ^ As(III) 

The system is scarcely ever reversible (very slow). 

H 3 ASO 4 -f 2 H+ -f 2 e^ H 3 ASO 3 4- H 2 O Eo = 0-57 volt (calc.) 

As( V) only oxidizes at a reasonable speed in very acid solution and the 
reaction is still slow. Some systems catalyse the reaction: P/I-; 
Re(V)/Re(VII). Sulphurous acid and stannous tin only reduce them in 
the presence of catalysts. On the other hand, HAsOg is difficult to oxidize 
in acid solution; the reactions are very slow even when catalysed. 

Formal potentials, — 0*58 volt in N-HCl or HCIO 4 . 

Above pH 0*5 H 3 X 4 SO 4 is only reduced very slowly and only at a 
reasonable speed with very powerful reduetants. 

In alkaline solution we have 

ASO 4 S-* 4 - 4H+ AsO.- -f 2 H 2 O Eq = - 0-71 volt (pH 14) 

(calc.) 

AsO^^~' is only reduced at an infinitely slow rate in alkali. 

Formal potentials. — 0*07 volt in N-NaOH and — 0 T 6 in 5N-NaOH. 

AsOg" is oxidized fairly rapidly at pH > 10 ; less rapidly between pH 10 
and pH 6 ; the concentration of the AsOg” ions diminishes, giving place to 
HAsOg. At pH < 6 the reaction becomes slower. However, certain sub- 
stances catalyse the process (iodine systems); in the presence of a little 
iodide the system becomes reversible, as is shown by radioactive in- 
dicators. 

In strong hydrochloric acid iodides are oxidized to iodine; in alkaline 
solution iodine oxidizes arsenites (for example in the presence of sodium 
bicarbonate at pH 8 ). 


Detection 

(1) In the absence of phosphates; molybdate reagent. — Addi- 
tion of molybdate reagent in hot acid solution causes the precipitation of 
yellow ammonium arsenimolybdate H 4 (NH 4 ) 3 [As(Mo 207 ) 6 ] analogous to 
ammonium phosphomolybdate. 

Solution required . — In 700 ml of water dissolve 

ammonium molybdate, 50 g, and ammonium nitrate, 75 g 
then dilute to a litre with concentrated HNO 3 . 

Procedure . — Much Cl“ interferes; it can be partially eliminated by boiling 
a drop of solution with 2 drops of concentrated nitric acid. Add 2 drops 
of reagent. Transfer to a water bath. Wait 1 or 2 minutes. 
Concentration limit. — 10 ~® g.-ion of As per litre (70 p.p.m.). 

Interfering substances. — H 3 PO 4 gives the same reaction. Si(IV), Ge(IV) 
give yellow colorations. As(III) is oxidized to As(V) before boiling 
with HNO 3 ; the reaction is then obtained. 

( 2 ) Formation of arsine in alkaline solution. — Compounds of 
As(III) are reduced by aluminium in alkaline solution to AsHg; the 
presence of this is demonstrated with silver nitrate. Compounds of As(V) 
which caiinot be reduced in alkali should be previously reduced in acid. 
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Solutions required 

(1) 4N caustic soda. 

(2) Aluminium turnings. 

(3) 25 per cent AgNOg. 

(4) Pure ground antimony, or bisulphite. 

Procedure. — (1) Compounds of As(HI). — Into a smaU test-tube intro- 
duce a drop of the solution under examination, not very acid, then 
2 drops of caustic soda and a small piece of aluminium. Place a small 
piece of paper impregnated with a drop of silver nitrate over the 
mouth of the tube. Warm on the water bath. Wait for a minute. The 
presence of arsenic is indicated by a yellow to black stain. 

At the same time a blank test should be made with the same reagent. 

(2) Compounds of As(V). — Start by reducing them in the initial 
solution with a few drops of bisulphite or a little antimony powder at 
the boil. Then carry out the reaction as above (it is unnecessary to 
separate antimony since it does not interfere). 

Note . — Avoid wetting the mouth of the tube with the caustic soda solu- 
tion as this will give a brown stain of AggO on the paper. 

Concentration limit. — 10~^ g.-ion/litre (10 p.p.m.). 

Same limit for the compounds of As(V) after reduction. 

Interfering substances. — NH4+, which gives a yellow stain, must be absent; 
remove it with caustic soda until a negative reaction to Nessler solu- 
tion is obtained (p. 140). PH3 and HgS give the same reactions, but the 
phosphates, sulphates, sulphite are not reduced and thus do not inter- 
fere. No other metal gives an analogous reaction. Sb(III) is reduced to 
metal and does not interfere so long as the solution is not heated for 
too long. (Confirm, by a blank test made in the presence of antimony, 
that the operation is being carried out correctly.) On the other hand, 
when the reduction is made in acid solution Sb(III) gives SbHg and 
interferes. 

Reducible compounds can interfere by delaying the reduction of 
As(III). Cu(II) in the proportion of 100/1 lowers the concentration 
limit to 10~® g.-ion/litre; in addition the reaction is slowed down; wait 
at least 5 minutes. The sensitivity is much reduced by Hg(II), because 
it produces with AsHg a compound similar to that with silver; when 
this element is present the initial acid solution is treated with a little 
antimony powder; metallic mercury precipitates and does not interfere 
further. Under these conditions the concentration limit of the reaction 
is not lowered when mercury is present in the proportion of 1000/1. 

Other metals do not interfere even when present in the ratio of 

1000 / 1 . 


ANTIMONY 
Sb = 121*8 

States of oxidation. — III-, III+, V+, IV+ of little importance. 

Sb(III-) 

Stibine, SbHg, has almost the same properties as AsHg. It is a little 
less stable. With silver salts a black precipitate of AggSb is obtained. 
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Sb(III) 

Influence of pH. — White HSbOg has a low solubility. It is dissolved 
to the extent of 10 ”®M as ShO+in N-HCIO 4 ; it dissolves in hydrochloric 
acid forming complexes. 

In general, in very weak acid, a basic salt is precipitated; SbOCl, 
antimonyl chloride (similarity to bismuth), below 4N-HCL 

From pH 10 - 11 , colourless SbOg" is present. 

Low- solubility compounds, — The sulphide SboSg varies in colour 
from yellow to orange and to black depending on its particle size. It is 

yellow when colloidal, black when it is 
precipitated hot from very acid solu- 
tion such as 3N-HC1. It dissolves slowly 
in hot concentrated hydrochloric acid. 
In alkalis it redissolves from pH 10 ; 
its solubility in ammonium carbonate 
is thus low (difference from arsenic), 
but it dissolves in ammonium sulphide. 
SbOSg is red. The red iodide Sbig pre- 
cipitates in acid solution. 

Complexes. — Chloride complexes; 
SbClg distils at 225°, but volatilizes 
markedly at 130° and above. Low- 
stability sulphate complexes. Numerous 
complexes with SbO+: tartrate, SbO tart.-; oxalates. The tartrate com- 
plex is fairly stable since SbOCl does not precipitate below pH 3 (dif- 
ference from Bi(III) ), and HSbOg does not precipitate at pH 8 . Fluoride 
complexes. All these complexes are destroyed by precipitation of the 
sulphide. Sulphide complexes. SbSs^-, SbSg^- SbOS"*. 

Equilibrium constants 

iSb^Os j -f JHaO^ SbO-i- + OH- .... 17 

HSb 02 4" ^ Sb 02 ~ “}~ H"^ .... 10—11 

SbgSg 4 , + H 2 O + 2H+^ 2 SbO+ -f SHgS .... 30 

Sb(V) 

Few known differences from ,Sb( III). HSbOg or HgSbO^ is of low 
solubility even in cone. HNO 3 . Chloride complexes, whence SbOgCl, low 
solubility and white, reprecipitates even in quite acid solution. In alkaline 
solution Sb(OH) 6 ~ or SbO 3 “ is present. Silver antimoniate has a low 
solubility. Orange SbgSg, if it exists, is similar to SbgSg. 

Complexes. — Chloride and sulphate. Fluoride complexes are very 
stable, the sulphide and hydroxide cannot be precipitated from them. 
Sulphide complexes; SbS 4 ^-, SbOgS^- analogous to complexes with 
Sb(III). Tartrate complexes, probably containing SbOo^. In cone. HCl 
Sb(IV) complexes occur. 

Redox 

( 1 ) Sb 4 . + 3H+ + 3c SbHg f .... — 0-5 volt (calc.) 

Sb 4 , + 3 H 2 O -f 3e^ SbHg f + 30H- . - 1-3 „ 

(Solutions saturated with SbHg.) 



FIG. 66. ^APPAEENT SOLUBIL- 

ITY OP Sb(III) HYDROXIDE 
AS A FUNCTION OF pH IN 
HCIO4 
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The potentials are very little different from those for arsenic. How- 
ever, the reduction of Sb to SbHg is very slow, particularly in cold alkali 
(difference from As). 

(2) SbO+ -f- 2H+ -f- Sb I + HgO 0-21 volt 

or Sb3+-f3e^Sb| 0-10 „ 

Formal potentials 

0-2-1N-HC1O4 E'o = - 0-15 volt 

2N-H2SO4 E'o = 0-08 „ 

7N-H2SO4 E'o = 010 „ 

5N-HC1 E'o = 00 „ 

Antimony salts are reduced to metal by tin and not by copper. Anti- 
mony is not attacked by hydrochloric acid (difference from tin). Like tin 
it is attacked by HNO3 with the formation of antimonie acid of low 
solubility. 

E (volts) 

0-8 

0 4 
0-0 
- 0-4 
- 0-8 
- 1-2 


FIG. 67.— APPROXIMATE FORMAL NORMAL POTENTIALS OF THE 
REDOX SYSTEMS OF ANTIMONY AS A FUNCTION OF JpH 

In alkaline solution we have 

SbOg- + 2H2O + Sb I 40H- . - 0-67 volt 

(8) 2SbO+ + 3H2O + SbaOsaq. + 6H+ 0-64 „ (calc.) 

Formal potentials 

In hot 3N-HC1, E'o - 0-7-0-9 volt. 

SbOg- + H2O + 2e^ SbOg- + 20H” E'o = - 0-43 volt 

Formal potentials 

In lON-KOH E'o = ~ 0-59, - 0-67 volt 

In 5N-KOH E'o - ~ 0-52 volt 

In 3N-KOH E'o = - 0-43 „ 

The reactions are little different from those of arsenic in all solutions; 
this applies particularly to rates of reactions (see p. 224). SbOg" reduces 
Bi(III), As(III), Hg(II), Ag(I) to the metallic state. SbOg- cannot be 
reduced in alkaline solution. 

16 
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.Detection. — Rhodamine B (diethyl-m-aminophenolphthalein) gives 
in acid solution a violet compound with Sb(V) which can be extracted 
with benzene. 

Solutions required. — Rhodamine solution: 

Rhodamine B 0-25 g 

Water 250 ml 

HCl cone 250 ml 

Ceric sulphate approx. 0-lM (or 0-1-N permanganate). 

10 per cent hydroxy lamine hydrochloride. 

Benzene. 

Procedure. — To a drop of the solution to be examined in a micro-centri- 
fuge tube, add a drop of ceric sulphate or of permanganate to oxidize 
Sb(III) to Sb(V) if necessary, then a drop of hydroxylamine hydro- 
chloride in order to reduce the excess of oxidant. Add a drop of 
rhodamine, wait 15 seconds, add 5-6 drops of benzene. Shake. 
Concentration limit. — 50 p.p.m. 

Interfering substances. — W(VI) and Mo(VI) give precipitates which 
should be centrifuged if present in large quantity. Otherwise the 
reaction is specific, 

TIN 

Sn = 118*7 

States of oxidation. — 11+ and IV+. Similar to germanium. The 
cations are less acid than those of antimony and arsenic. The hydroxides 
and sulphides give anions which are a little less stable 
than those of As and Sb. The redox systems are more 
reducing than the corresponding systems of antimony. 

Sn(II) 

Influence of pH, — Sn^+j which is colourless, is 
present in acid solutions. The existence of SnOH+, 
Sn2(OH)22+, or Sn 202 + has been demonstrated. The 
hydroxide precipitates towards pH 1*5 (O-OIM) in the 
absence of complexes (perchloric acid) and redissolves towards pH 13*0 
giving the colourless anion HSnOg". Sn(OH )2 is white, it dehydrates to 
black SnO. The solutions of HSnOa"" slowdy precipitate black SnO. Basic 

salts can come down during neutraliza- 
tion, for example Sn(OH)CL 

Complexes . — Chloride: — SnCl+, 
SnClg-, SnCl 42 -and perhaps SnCl 2 . Very 
stable oxalate complexes. No sulphide 
complexes or very low stability ones. 

Low- solubility compounds. — ^The 
brown sulphide SnS has a low solubility 
2 4 6 8 10 12 14 pH in 0*25N-HC1 and redissolves in 5N-HCL 

FIG. 68. — APPARENT soLUBiL- SoluMIity in alkali low. The polysul- 
iTY OF Sn(II) HYDROXIDE pMdes redissolve, forming Sulphide com- 
AS A FUNCTION OF pH plcxes of Sn(IV). 
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Equilibrium constants 


Sn(OH)2 ^ ^ Sn2+ + 20H- W 

Sii(OH) 2 j ^ HSnO^- + H+ .15 

SnS I ^ Sn2+ + S^- 28-1 

SnCl^"-^ SnCl3- + Cl"; pk^ = - 0-5; pk^ = - 0*2; 
pko = 0-7; ==1*5 


Sn(IV) 

Influence of pH. — The cations exist in very acid solution. Towards 
pH 0*5 the white hydroxide precipitates so long as complex-forming 
substances are absent, i.e. in HCIO4 or HNO3. It can be colloidal but in 
all cases it ages very rapidly and its solubility becomes very low. It 
redissolves with difficulty in cone. HCl or HoSO^ or in strong alkali; it is 
peptized before going into the ionized condition and it can then be 
reprecipitated either in the hot or on standing. 

Freshly precipitated, it redissolves even at pH 9 and certainly in 
more acid solution. The anions HSnOs" 
and Sn03^“ (or Sn(OH)62-) are colour- 
less. 

Condensed ions are formed in acid 
and alkaline solution. 

Complexes. — Various chloride and 
sulphide complexes: SnClo^+, SnCl3+, 

SnCl4, SnCls", SnCl^^-; SnCl4 boils at 
120 ^ 

There are numerous stable com- 
plexes: oxalate, tartrate, fluoride. The 
oxalate and fluoride complexes are 
not precipitated by hydrogen sulphide 

(difference from Sb(Ili) ). The fluoride complex is so stable that it cannot 
be reduced by Zn or Al; however, NH3 precipitates it incompletely. Boric 
acid destroys the complex sufficiently for SnS 2 to be precipitated. Sul- 
phite complexes, destroyed at pH 10-11. In cone. HCl, Sn(III) com- 
plexes exist. 

Low- solubility compounds. — ^The yellow sulphide SnS 2 is com- 
pletely precipitated in 2N-HC1 and redissolved in cone. HCl. It also dis- 
solves in ammonia whence the stannic hydroxide reprecipitates slowly. 
It is dissolved by S^- to give sulphide complexes. 

Equilibrium constants 


Sn(OH)4 4. ^ Sn^+ + OH- 56 

Sn(OH)4 I ^ SnOa^- + 2H+ + H.O . . . . 32-1 

Sn cupferron4 ^ Sn^+ -f 4 cupferron” 34*1 


Redox 

(1) Sn2+ + Sn j Eq = 0*14 volt 

Formal potentials , — — 0*20 volt in N-H Cland N-H2SO4. Cone. HCl 



FIG. 69. APPARENT SOLUBIL- 

ITY OF Sn(IV) HYDROXIDE 
AS A FUNCTION OF pH 
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iP^ttacks^J^n slowly. HNO 3 gives the white developed stannic hydroxide. 
^P^n an^pl precipitate tin. 

HSnOg- + H 2 O + 26 ;?^: Sn ^ 4* 30H- .... — 0*90 volt 

(2) Sn^+ + 2e ^ Sn 2 + Eq ==- 0*15 volt 

Formal 'potentials. — In N-HCl: 0-15 volt (approx.); in 5N-HC1 0*10 volt. 
In O lN-HCl: 0*07 volt; in 9 N-H 2 SO 4 : 0*40 volt. 

Sn(IV) is only reduced slowly, infinitely slowly in HCIO 4 , fairly slowly 
in H 2 SO 4 , more rapidly in HCl. H 2 SO 3 does not reduce stannic tin. 
(Difference from Sb(V) and As(V).) 



t 3 5 7 9 !1 13 15 pH 

FIG. 70. — approximate formal normal potentials of the 

REDOX SYSTEMS OF TIN AS A FUNCTION OF 

Stannous salts oxidize relatively slowly in air. Hg(II), Au(III), 
As(III) are reduced to the metallic state by stannous chloride in acid 
solution. In alkali: 

SnOgS” + 3H+ + 2e ^ HSnOa" + H 2 O . - 0*96 volt {pB. 14) (calc.) 

From fig. 70 it can be seen that in sufficiently alkaline solution HSnO 2 “ is 
not stable. It disproportionates (slowly) into SnOg^" and black Sn which 

precipitates: 2 HSn 02 ^ Sn + SnOg^” -f HgO. 

Stannous tin is a strong reductant in alkaline solution, it oxidizes 
rapidly in the air. Bi(III) is reduced to the metal. 

Detection 

In general the reducing power of tin in the II oxidation state is 
utilized. It is necessary to reduce stannic tin, which can be done in the hot 
with antimony or iron powders. 

Iodine — iodide — starch paste. — Reaction. — Sn(IV) is first reduced 
to Sn(II). The reducing power of Sn(II) is then shown by the decoloration 
of the iodine — ^iodide — starch paste mixture which is blue. 

Solutions required. — ( 1 ) Iodine — iodide — starch solution. — (a) N /1000 re- 
agent: 1 ml. of 0 -lN iodine solution (12*7 g iodine + 40 g KI per litre); 
add starch paste until a maximum blue coloration is obtained and 
then some millilitres in excess; dilute to 100 ml with water. 

(&) N/4000 reagent; 1 volume of reagent {a) -f- 3 voL water. These 
reagents can only be kept for a few days. 

(2) Pure iron powder. 

Procedure. — Treat 3 drops of solution with a little iron powder. Boil 
1 minute. Centrifuge or leave to stand. Mix 1 drop of this solution 
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(1-6N-HC1) with 1 drop of reagent. In the presence of Sn there is an 
immediate decoloration. 

Note. — In very strong HCl, iodine can be sufficiently complexed to the 
state of IgCl"* for the coloration with starch to disappear. The fact that 
a drop of the reagent used cannot be so decolorized is tested by simple 
addition of a drop of 6N-HCL If there is a decoloration of the blank 
test a new solution of the reagent with freshly prepared starch paste 
must be made up. 

Concentration limit. — ^Reagent (a) 5.10“^ g. -ion /litre (50 p.p.m.). 

Reagent (&) 10“^ g.-ion/litre (10 p.p.m.). 

If a large sensitivity is not required it is better to use reagent (a) 
which gives a much more distinct reaction, in particular when the 
solution to be examined contains ions which can interfere in virtue of 
their own colour. 

Interfering ions. — The reaction used being one of redox, a certain number 
of reductants can interfere. 

After reduction by iron in acid some metals can give rise to reduc- 
ing compounds: 

Cr(III): is not reduced, does not interfere. 

Cu(II), Hg(II): are reduced to metal; do not interfere. 

In the presence of these ions it is recommended to carry on the boil- 
ing with iron powder, because an incomplete reduction can give rise to 
the presence of Cu(I) or Hg(I), which would interfere. 

U(VI): is reduced to U(IV) (green); in sufficiently acid solution this 
does not interfere because it reacts very slowly with iodine; the test 
should then be carried out thus; mix a drop of solution reduced by 
iron with a drop of 12N-HC1; add the mixture to a drop of reagent. 

Ti(IV); is reduced at least partly to violet Ti(III). Same note and 
same procedure as for manium. 

W(VI): if the solution contains W, wffiich interferes because on 
reduction it gives an intense blue colour, it should be separated by 
cinchonine reagent. 

Cinchonine 12g 

Cone. HCl 50 ml 

Water 50 ml 

Procedure. — 1 drop of the reagent is added to 5 drops of the solution; boO; 
then add iron powder and reduce as usual. The blue coloration should 
not appear unless the precipitation of W is incomplete. Carry out the 
test on this reduced solution. 

Concentration limit. — 10“^ g.-ion/litre with reagent (a) (100 p.p.m.). 

Mo(VI), V(V) and V(IV) are reduced to Mo(III) (red), V(II) or 
V(III); in the presence of phosphates, Mo is reduced to molybdenum 
blue. In all these cases there is a slow decoloration of the reagent, and 
the reaction is doubtful; it is better to make a separation (and quite 
essential when molybdenum blue is formed, for this masks the 
reaction). 

Reagent. — 2 per cent alcohohe solution of a-benzoin oxime. 

Procedure. If V(IV) is present (blue solution) it is oxidized at the start 

with a crystal of persulphate, at the boil. 
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To 5 drops of solution, add 2 drops of reagent, and wait a few 
minutes. Centrifuge. Test for completion of precipitation by adding 
a further drop of reagent. Separate the supernatant liquid and carry 
out the reduction upon it. 

Concentration limit, — 2.10“^ g.-ion/litre with reagent {a) (200 p.p.m.). 

Ions which precipitate or complex 1~ sufficiently, for example 
Hg(II), interfere, since they decolorize the starch paste. They are 
separated in the course of the preceding operations. 

Detection of Sn(II). — Beduction of methylene hlue. — Sn(II) can reduce 
certain redox indicators, for example methylene blue in N-HCl, decolor- 
izing them. The reaction is specific for Sn(II) in these solutions. It is used 
for the detection of Sn(II) in the initial solution at the start of the 
analysis. This preliminary detection is necessary, because Sn(II) inter- 
feres in the detection of other elements. 

Solution required, — 0 01 per cent solution of methylene blue in N-HCl. 
Procedure, — Mix a drop of the reagent wdth a drop of the solution, then 
wait. Decoloration of the solution indicates the presence of an ener- 
getic reductant, in particular of Sn(II). Comparison may be made with 
a blank containing a drop of water and a drop of reagent. 
Concentration limit, — 3.10”^ g.-ion of Sn(II) per litre, at the end of 
6 minutes (40 p.p.m.). 

Interfering substances, — Methylene blue is a redox indicator which is 
reduced by a number of ions. Only those which are sufficiently stable 
in the air to be present in analysis are of interest to us; these are 
Sn(II), VO^+, Fe 2 + alone or in the presence of H 3 PO 4 . The reaction is 
then specific for Sn(II). 

Coloured ions can reduce the sensitivity, e.g. Cr(III). 

GERMANIUM 
Ge = 72*6 

Certain of its properties are indicated by its place in the periodic 
classification. There are three states of oxidation: IV~, II+, IV+. It is 
intermediate between Sn and As, but nearer to 
Sn in practically all its properties. 

Ge(IV-). — GeH 4 is a gas, decomposed into 
Ge and Hg at 360 More stable than SbHa. 
Ag 4 Ge is black. As with carbon, there are other 
germanium hydrides, e.g. GcgHg, GcgHg. 

Ge(II) 

Ge(OH )2 red-orange. GeO is dark brown to 
black. The hydroxide is amphoteric, soluble in HCl, only slightly soluble 
in NH3. GeOa^^ is cherry red, very easily oxidized in the air. 

GeS, deep reddish orange, is soluble in cone. HClj and in ammonium 
sulphide. The anions are less stable than those of As(III), but more stable 
than those of Sn(II). 

GeClg"; tartrate complex which is precipitated neither by NH 3 nor by 
HgS. 


Ill 

IV 

VI 

1 

Si 


Ga i 

Ge 
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Ge(IV) 

More acid than Sn(IV), the cations do not exist. The hydroxide is 
fairly soluble, 0-05M. It ages rapidly. Its solubility in HNO 3 H 2 SO 4 is 
low. In HCl, a complex is formed which is not precipitated until the pH is 
above 6 . The hydroxide redissolves from pH 7*8. It can behave as an acid, 
HgGeOg, and also forms condensed ions, HaGegOip pkg = ^ 9;pki = 13. 

WTiite GeSg is of low solubility in 3N-HC1. It only precipitates in very 
acid solution, but is slightly soluble in water, soluble in NH^. 

GeCl 4 is a liquid boiling at 85-86°. 

Complexes, — With Cl“; with polyalcohols. Very stable oxalate and 
fluoride complexes which are not precipitated by HgS. 

Sulphide complexes such as Ge 085 very stable, colourless, destroyed in 
6N-HC1. GeOo is soluble in the presence of HoS giving complexes with 8 ^“. 

The germanates, including the alkaline earth ones, are in general of 
low solubility. 

Equilibrium constants 

H^GegOii I HGesOii” + H+ . . . . 10 

H^Ge Ai - HGCgOir + H+ .... 8-6-9 

HGegOji- ^ GcgOii^- -f n+ . . . . 12-7-13 

Redox 

( 1 ) GeH 4 is formed by reduction with zinc or sodium amalgam. 

( 2 ) GeOg (dissolved) + H+ + Ge .J, + 2 H 2 O 

In N-HCIO 4 (saturated with oxide) (0-05M), E =0-13 volt. 

GeOg ^l, (developed) -h 4H+ -h 4e^ Ge 4- + SHgO Eq = 0-02 volt 
Germanium displaces Hg, but not Cu. 

(3) GeOs/Ge^t-. 

Hypophosphorous acid reduces Ge(IV) to Ge(II). Ge“+ is a reductant 
which oxidizes in the air. 

In alkaline solution: 

HGeOg- + 2 H+ +2e^ HGeOa" + HgO; 1*4 volts 

at pH 14 (calculated): HGe 04 ~ disproportionates into HGeOg” and Ge. 

Reagents. — Germanium is in general detected in traces, either 
spectroscopically or by the formation of a germanomolybdic complex 
analogous to the silieomolybdic complex, or else by its action in cone. 
H 2 SO 4 on quinalizarin, an action which is analogous to that of boric acid 
(p. 321). 

II. VANADIUM— MOLYBDENUM— TUNGSTEN 

Elements of an ‘a’ group of the periodic table 
whose sulphides have a low solubility. Sulphide com- 
plexes are formed as in the preceding group. 

VANADIUM 
V = 50-95 

States of oxidation. — All from 11+ to V+. In 11+ vanadium re- 
sembles the zinc group: in III+ its properties are similar to those of 
Fe(III), Al(III), Ti(III). In the IV+ state we have the vanadyl salts. 


Va 

Via 

V 

Cr 

Nb 

Mo 

Ta 

W 
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VO 2+ stable in the air, which put vanadium in this state in the ammonia 
group. Vanadium has the oxidation number V in the vanadates which 
resemble the phosphates and arsenates and also Mo(VI), W(VI), and 
Cr(VI). 

V(II). — Violet cations. Not stable in air. 

V(III). — Vanadous salts. V3+, VOH^+j green. V(OH )3 precipitates 
around pH 4-5. Oxidizes in the air. 

Complexes with CN~, CNS“, C 2 O 42 -, stable complexes with F~. 
V{CNS)2+- V3+ + CNS- .... 1-7-2-0 for I = 2*6 


V(IV) 

Vanadyl salts. VO 2 + is blue, and stable in air in acid solution. 
V 0 ( 0 H )2 is greyish brown and precipitates at pH 4*1 (O-OlM). It develops 
rapidly, and redissolves very slowly in alkaline solution giving HVaOs"" 
or V 4092 -, reddish brown, then red. The hydroxide is precipitated by 
acidifying the alkaline solution to pH 8-25 (O-OIM). 



FIG. 71. — APPARENT SOLUBILITY OF V(IV) HYDROXIDE 
AS A FUNCTION OF pH 

Complexes. — Low-stability fluoride and very low stability thio- 
cyanate complexes are known. Fairly stable oxalate and very stable 
tartrate complexes are formed. 


Equilibrium constants 

V0(0H)2 I ^ VO 2 + + 20H~ 221 

VO 2 + + H 2 O ^ VOOH+ + H+ 4*8 

2V0(0H)2 I ^ V^OgH- + H+ -f H 2 O 10*5 

^0(0204)2^” ^ V02-f + 2C2O42- 12-0 

V0(0H)C204“ ^ VOOH+ -i- C 2 O 42 - 6.5 

VO tart. ^ VO tart."" + H+ 2*8 

VO tart.“ ^ VO tart.^~~ 4- H+ 6-8 

VOF+^ VO 2 + 4 - F- 3 2 

VO(CNS)+ ^ VO 2 + 4 - CNS- 0-9 (I = 2 - 6 ) 


V(V) 

In the oxidation state V, vanadium is placed in the periodic table 
below P(V) and alongside Cr(VI). It resembles both elements. 

Influence of pH. — In strong acid, light yellow VO 2 + is formed. 
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Reddish-brown VgOs^aq. is fairly soluble: 0*07M (0-02M in the hot at 
pH 2). It develops rapidly and its solubility falls. Its minimum solubility 
is at pH 1-6. It then transforms into H3V207~, orange. This transforms 
into H2V2072- when the solution is made very alkaline with NaOH. 

If the solution is alkaline at the start, the phenomena are different; 
first we have colourless — ^the orthovanadate ion. The rapid 

addition of acid in the cold causes orange ions to be formed which only 
transform very slowly, faster in the hot, into the metavanadate ion 
H2V04“ (or VOg-) which is colourless. This 
happens at pH 9*4. In more acid solution, 
pH 6*5, 

2H2VO4- + H+— > H3V2O7- (orange) + H^O 
The reverse reaction is very slow. 

Note . — These ions are possibly more con- 
densed than is indicated, e.g. HV60i7®“. 

Low-solubility compounds. — The 
majority of the vanadates other than those of 
the alkali metals are of low solubility. The 
solubility of NH4VO3 is fairly low in the pres- 
ence of an excess of NH4+ ions. The vanadates 
of lead and mercury have very low solubilities 
(analogy with Mo(VI), W(VI), Cr(VI) ). The 
brown sulphide VgSg has a low solubility in 
very dilute acid. It redissolves in alkali and in sulphides giving orange- 
red sulphide complexes. HgS does not precipitate them from acid solu- 
tions of V(V) which is then reduced to V(IV). 

Complexes. — Phospho vanadate, phosphovanadotungstate ones are 
known, they are yellow and soluble in organic solvents. 

With hydrogen peroxide, stable orange compounds are formed which 
are stable even in strong acid. 



FIG. 72. — APPARENT 
SOLUBILITY OF V(V) 
HYDROXIDE AS A 
FUNCTION OF pH 


Equilibrium constants 


V2O5 I + 2H2O ^ H3V2O7- -1- H+ . 

I + JH^O^ VO2+ + OH- . . 

2VOo + + SH.O ^ H3V2O7- -f 3H+ . 
H2VO4- ^ HVO42- -f H+ 
AgVOa I ^.Ag+ + VO3- . . 

Redox 


( 1 ) 


VO2+ + 2 H+ -f VO2+ + H2O 

I VO0+ 


l-Ol + 0*06 log ! 


I2 

H+12 


volts 


3*3 

14*1 

31 

9*5 

9*9 


Same potential in HCl and H2SO4. In 9N-HCIO4 and 8N-H2SO4, 
E'o = 1*30. 

In alkali, the potential becomes very reducing: E'q = — 0*74 at 
pH 14. 

The system V(V)/V(IV) has properties similar to those of the system 
Cr(VI) /Cr(III). The oxidation of vanadyl salts, slow in very acid solution, 
is stiU fairly slow at pH 1 *5. It is speeded up by heating. In neutral or 
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alkaline solution, the system becomes more reducing and the oxidation is 
very rapid, even in the air. 



FIG. 73. — FORMAL NORMAL POTENTIALS OF THE REDOX SYSTEMS 
OF VANADIUM AS A FUNCTION OF pH 

V(V) acts as a rather slow oxidant in solution. SO 2 , HgS, Fe^^, alcohol, 
etc., reduce it. In weak acid solution, the rate of the reaction falls to zero. 

(2) VO 2 + -f 2H+ + V3+ Eo = 0-34 volt 

The formal potential is 0-34 volt in N-H 2 SO 4 . V3+ (perhaps VOH 2 +) 
oxidizes in the air to give VO 2 + which is stable in acid solution. In weak 
acid, neutral, or alkaline solution, the oxidation is more rapid and V(V) 
is obtained. 

( 3 ) VS+ + C ^ V2+ Eo = - 0*21 to - 0-25 volt 

Salts of V(II) are obtained by reduction with zinc or zinc amalgam in 
very acid solution. 

They are very strong reductants: in acid solution, NO 3- gives NH4+, 
CIO3- and CIO4- give Cl", Cu^^ goes to Cu, H+ is reduced slowly to Hg. 
They oxidize in the air. In alkalis, the reducing power is even stronger. 
V( 0 H )2 reacts with water with liberation of hydrogen. 

(4) Metal 

Va+ + V I . . . - — 1-5 ± 0*3 volt (calc.) 

Vanadium is not attacked by water, air, or dilute acids; it is passive. 
It is attacked by oxidants: chlorine, nitric acid, and also by hydrofluoric 
acid on account of the formation of a complex. 

Detection 

Hydrogen peroxide.—Beac/ions.— V(IV) and V(V) in acid solution 
give a reddish-orange coloration. 

Materials required 

Hydrogen peroxide, 5 vol. 

SoHd NaF. 

Procedure , — ^To a drop of the solution, add a drop of 4N-HC1, and a drop 
of hydrogen peroxide. The absence of a coloration indicates the 
absence of vanadium or titanium. 
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Limit oj sensitivity. — 10”^ g.-ion/litre (50 p.p.m.). 

Interfering substances . — A large nuraber of ions give similar colorations. 
The majority of these are rather pale and do not interfere greatly: 
U(VI), Mo(VI), W(VI), etc. 

The addition of fluoride which forms complexes strongly with 
Ti(IV) and Fe(III) causes the colours due to these ions to disappear. 
That due to vanadium weakens slightly, the sensitivity is reduced to 
10~2 g. -ion /litre. 


MOLYBDENUM— TUNGSTEN 
Mo = 96 * 0 ; W = 184-0 

States of oxidation. — The more important are III, V, and VI. 
Compounds in the latter state are stable in air, thus being similar to those 
of W(VI) and Cr(VI). 

Mo(VI) 

The cations do not exist except in very acid solution: MoOg-^. The 
hydroxides and the anions are often condensed, and the equilibria with 
the condensed ions are often attained only very slowly. They also depend 
naturally on the concentrations. 

The stable hydroxide is HsMogO^; H2M0O4 transforms slowly into 
HoMOgO, by dehydration. 

HsMOaO^^ HMO2O,- + H+ = 0 - 5 - 2-0 
HMO2O7- ^ M02O72- 4. H+ pki -- 5 
MoaO^-" hydrates slowly: 

Mo.O.s- -f H2O ^ 2HM0O4- 

HM0O4- ^ Mo 042“ + H+; pK -- 6 

Ions more condensed such as Mo40i32“ (2HMo207~.H20) exist. 

White H2M0O4 is soluble in strong acid and in alkali as weak as 
ammonia. M0O3.2H2O, yellow, has a low solubility in acid solution, but 
is soluble in alkali. V^en ammonium molybdate is acidified a precipitate 
is thrown down which does not redissolve in HNO3. 

White M0O3 is volatile above 550 °. 

W(VI) 

Tungstic acid is yellowish white. It dehydrates in the hot giving 
yellow WO 3, not very soluble in strong acids, volatile at about 900 °. 
WO 3 is often colloidal, and should be washed with strong acids or salts. 
It does not flocculate completely except when evaporated to dryness in 
strong acids. It is soluble in ammonia gi\ing tungstates. Tungstates, like 
molybdates and vanadates, have very variable formulae, depending on 
the concentration and the pH of the solution. 

Complexes. — ^Mo(VI) and W(VI). — Complexes with chloride, phos- 
phate, arsenate and vanadate ions, and with fluoride, citrate, tartrate, 
and oxalate ions, all of which inhibit the precipitation of the hydroxide 
to some extent. Ammonium phosphomolybdate (NH4)3(P04).12Mo03, 
yellow, slightly soluble in nitric acid, soluble in alkalis, soluble in organic 
solvents. Some complexes with W(VI), analogous ones with Si(IV). 
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Action of hydrogen sulphide. — ^Mo(VI). — In acid solution, a blue 
coloration is produced as a result of partial reduction and precipitation 
of Mo S3 which is brow^n to black; the precipitation is not quantitative. 
M0S3 has a low solubility in dilute HCl, but is soluble in ammonium 
sulphide giving a yellow to orange coloration (analogous to V(V), W(VI) ). 
The sulphide complex is destroyed at pH 6-7 (O-OlM). 

W(VI). — WS3 is not precipitated by HgS. But ammonium sulphide 
gives the orange-yellow thio-salt, and brown WSg precipitates then on 
acidification. The sulphide complex is not destroyed completely until 
below pH 4. 

Solubility of molybdates and tungstates. — Only the alkali salts 
are soluble. Hg2Mo04, PbMo04, and the corresponding tungstates are of 
particularly low solubility. The ferrocyanide ion gives with molybdenum 
a reddish-brown precipitate w'hose solubility in cone. HCl is low, but 
which is soluble in ammonia. 

A large number of tungstates of organic bases — cinchonine, rhod- 
amine, etc. — have a low solubility in strong acids. 

a-benzoin oxime gives low-solubility compounds in strong acid with 
Mo(VI) and with W(VI). 


Equilibrium constants 

Mo(VI) 

HoMoO^^ HM 02 O 7 - + H+ ... 0-5; 2 0 

HMoaO^-^MOoO,^- + H+ 5 

HM 0 O 4 - ^ M 0 O 42 - + H+ . . . .'-6 

Ag2Mo04 4^ ^ 2Ag+ -i- M 0 O 42 - . . . 10-5 

W(VI) 

H3WO5- ^ H0WO52- 4- B.+] 

H.WOs^-- HWOgS- 4- H+ V .... 6-8 

HWOs^- ^ WOs^- 4- H+ J 
Ag2W04 I ^ 2Ag+ 4- WO 42 - 9-3 


Other states of oxidation. — The principal ones are (V) and (HI). 

Mo(V). — In 8N-HC1, Mo(V) gives MoOClg^-, purplish green, and in 
2N-HC1, yellowish-brown to deep-brown Mo03+.MoO(OH)3. 

Mo(CNS) 5, crimson, soluble in organic solvents; Mo(CN)3^“ very 
stable. 

In HCl solutions weaker than 2N, deep blue precipitates or colloidal 
solutions of MoaOg.a’MoOg are obtained easily. Blue complexes such as 
H3P04 (MoO 2 . 4MoO 3) 2 are known. 

W(V). — W2O5 is blue. W(CN)3®" is very stable. 

Mo(IV) exists in Mo(CN)g^“, a very stable complex in which Mo is 
stabilized in the IV oxidation state. 

W(IV). — ^Brown; fluoride complexes are stable in the air; oxalate 
complexes are known. 

Mo(in). — In 9N-HC1, brick-red MoClg®” and MoClg^" are stable in 
air. In 2-5-4N-HC1, the deep olive Mo®+ exists. It is oxidizable and on the 
other hand transforms itself slowly into a red compound. Brownish-black 
Mo(OH) 3 is precipitated by NH 3 . 

Complexes with C204^“, CNS~, etc. Mo(CNS)2g“ is yellow. 
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W(IH).— Red unstable a strong reductant, transforms itself 

into WgCla®" which is yellow to yellowish green. 

Mo(II) and W(II). — Not stable in solution. 

Redox 

Mo(VI) and Mo(V). — Reduction involves initially the formation of 
blue compounds whose oxidation number is intermediate between V and 
VI, particularly in weak HCL 



FXG. 74. APPROXIMATE FORMAL NORMAL POTENTIALS OF THE 

SYSTEMS Mo(VI)/Mo(V)/]Mo(III) AND Hg(II)/Hg IN HCl 

In HCl, the formal potentials are shown in fig. 74. In fairly cone. HCl, 
Mo(VI) is reduced to green MoOCls^-, and in dilute HCl to brown Mo03+, 

In alkali Mo(VI) is only reduced infinitely slowly. 

In H2SO4 the properties are little different. Mo(V) is stable in the air 
in 4N-HC1. 

HgS reduces it to molybdenum blue. In HCl, Ag and Hg reduce it to 
(V) and (III) according to the concentration of the HCl (fig. 74). 

Mo(V)/Mo(HI). — Mo03+ + 2 H+ + 2 e^M.o^+ + HgO 

With green Mo(IH), E'o = 0*11 volt in 2N-HCL 

With red Mo(IH), MoCle^-, E'o = 0-26 volt in 8N-HC1 (see fig. 74). 

Green Mo(IH) oxidizes in the air, but the red modification does so 
much more slowly. 

Zinc in dilute acid reduces Mo(VI) to Mo(HI). 

Mo. — ^IVIolybdenum easily becomes passive. It is little attacked by 
cone. HCl, but is dissolved by cone. HNO3 and by hot cone. H2SO4. It 
can be attacked by an oxidizing alkaline fusion. 


W(VI)/W(V) 

WOs^^ + 2H+ + W03+ + HgO E = 0-27 volt in cone. HCl 

Stannous chloride precipitates blue W2O5. 

W(VI)/W(III).— In cone. HCl, WaClg^- is formed. E'o = 0-0 volt. 
W(V)/W(III).— E'o = - 0*30 volt. 

W. — The metal is passive. HCl does not attack it, cone. H2SO4 and 
hot cone. HNO3 attack it fairly little if the metal is compact. 

H3PO4, hot and concentrated, attacks the metal forming a complex; 
HF the same. Molten alkalis attack the metal, particularly when they are 
oxidizing. 
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Detection of Mo(VI) 

Stannous chloride and thiocyanate. — Reaction. — A solution of 
molybdate in hydrochloric acid carefully reduced with stannous ions 
gives a red complex with thiocyanate ions which gives a red solution in 
benzyl alcohol. 

Solutions required. — 5 per cent stannous chloride in 2-5N-HCL Add some 
particles of tin to the solution. 

Saturated ammonium thiocyanate solution. 

Benzyl alcohol. 

Procedure. — The solution should be strongly acid with HCl. If it does not 
contain any Fe^+, to a drop of it add a drop of stannous chloride, a 
drop of the thiocyanate, and shake. A red coloration forms, soluble in 
benzyl alcohol giving a violet-red solution, the reaction being then 
very sensitive. 

Concentration limit. — 10-^-5.10“® of Mo(VI) per litre (5-10 p.p.m.) 
Interfering substances. — A certain number of ions give colorations (see 
ferric iron, p. 165). The excess of stannous chloride causes the colora- 
tions due to Fe^t and Cu^+ to disappear. 

In the presence of Co 2 +, the colour due to this ion superimposes 
itself on that due to molybdenum, particularly when using benzyl 
alcohol. Much Co“+ interferes. In that case the procedure should be: 
put a drop of solution in a centrifuge tube. Add a drop of 4N-NaOH 
and a drop of 5 vol. HoOo. Shake. Centrifuge. Pipette a drop of the 
supernatant solution on to a spot plate. Re-acidify with a drop of 
4N-HC1, and repeat the test. 

V(IV) and V(V) decrease the sensitivity. 

Se(IV), Te(IV), and Te(VI) give precipitates of Se and Te. 

W(VI) gives a blue precipitate of WgOg, not soluble in benzyl 
alcohol. See page 166 for notes about reactions with CNS~, 
Precipitation by a- benzoin oxime. — In very dilute acid, some ions 
only precipitate. 

Solutions required. — 2 per cent alcoholic a-benzoin oxime. 4N-HCL 
Procedure. — In a centrifuge tube, add a drop of acid to a drop of solution, 
then a drop of reagent. Wait 30 seconds. 

Concentration limit and selectivity . — The following precipitate: Mo(VI) 
5.10-^• W(VI) 5.10-"; V(V) IO- 2 . 

If there is no precipitate, it is unnecessary to look for W(VI) and 
Mo(VI). 

Detection of W(VI) 

Tungsten is not generally met with in acid solution; the tungstates 
precipitate as tungstic acid when acidified. But in the presence of phos- 
phates, tungsten is kept in solution as a complex. 

Procedure with stannous chloride. — Reaction . — Tungstates in cone. HCl are 
reduced by stannous chloride yielding a deep blue precipitate of the 
blue oxide of tungsten, WgOg, which persists if an excess of stannous 
chloride is introduced (whereas under the same conditions, molybdates 
give a blue coloration which disappears when excess is added). 
Solution required. — Solid stannous chloride. Cone. HCL 
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Procedure . — Place a drop of solution on a spot plate, add a drop of acid 
and a crystal of solid stannous chloride. 

Concentration limit. — g.-ion of W(VI) per litre (500 p.p.m.). 

Interfering ions . — The precious metals give black precipitates, and 
mercury as well. As precipitates slowly. Se(IV), Te(IV), Te(VI) 
precipitate the corresponding elements. 

Mercury is disposed of thus: to 1 drop of solution, add 3 drops of 
4N-NaOH. Centrifuge. Remove 1 drop of the supernatant, and make 
the previous test. If the centrifuging does not bring the precipitate 
dowm very fast, warm the solution for a minute beforehand on the 
water bath. 
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ELEMENTS HAVING LOW-SOLUBILITY CHLORIDES. 

SILVER. THALLIUM 

SILVER 
Ag = 107*9 

States of oxidation. — The most important is I. II also occurs. Ill is 
known in the solid state, and perhaps also IV. 

Ag(I) 

In the periodic classification, Ag(I) is located between Cu(I) and 
Au(I). It resembles them in the low acidity of its cation, the hydroxide, 
in its low- solubility compounds and its complexes. It also 
resembles T1(I). 

Influence of pH. — Ag+ is colourless. White AgOH pre- 
cipitates at around pH 8 (0*01M) and dehydrates spon- 
taneously into the brown AggO. 

Complexes. — Numerous. The hydroxide does not pre- 
cipitate in the presence of NH3 since ammine complexes are 
formed. Explosive AggN and AgNHg precipitate slowly in 
ammoniaeal solution. 

The sulphite complexes decompose slowly 'with precipitation of silver 
10 -^ 


s 


10 '^ 

2 4 6 8 10 !2 14 pH 

Some complexes are very stable, such as the thiosulphate and cyanide 
ones- 

The thiosulphate complex blackens slowly in the cold, and rapidly in 
the hot, particularly in acid solution, as a result of the precipitation of 
black AggS. 

Low- solubility compounds. — The solubility of nearly all silver 
salts is low, the only exceptions being the nitrate, perchlorate, fluoride, 
acetate, and chlorate. 

Black AggS, of very low solubility, is oxidized by hot HNO3. 
Ag[Ag(CN)2] is the salt of a strong acid. 

A certain number of the low-solubility compounds are coloured. 
Yellow: phosphate, arsenite; pale yellow: iodide; brown or brick red: 
dichromate, chromate, arsenate; orange: ferricyanide. The sulphide is 
black. The other salts are white or sometimes yellowish. 
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FIG. 75. APPARENT SOLU- 

BILITY OF SILVER HY- 
UROXIBE AS A FUNCTION 
OF pH 






Silver. Thallium 
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Equilibrium constants 

Ag3As04 I ^ 3Ag+ + AsOj®- 22-0 

AgNO^ I ^ Ag+ + NOr 3-6 

Ag(N02)r^AgN02 4, +NO3- . . . .-0-8 

AgNj 4. ^ Ag+ + N3- 8-6 

Ag(NH3)2+ ^ AgNH3+ + NH3; pk, = 3-8; pk, = 3-2 
(for I = 1 at 30°) 

AgBr I ^ Ag+ + Br- 12-3 

AgBrOa ^ ^ Ag+ + BrOj- 4-3 

Ag(CH3C02)2- ^ AgCHsCOj + CHjCOj-; pkj = - 0-1; 
pki = 0-7 

AgCHjCOa I ^ Ag+ -f CH3CO3- 2-7 

AgjCO, I ^ 2Ag-t + C03^- 11-1 

Ag(CN)43-^ .45(CN)32- + CN-; pk^ = 0; pk, = 1; 
pk^ + pki = 20-9 

Ag[Ag(CN)3] ^ ^Ag-t + Ag(CN)3- .... 11-4 

AgaCjO^ I ^ 2Ag-i- + C3O42- 11-0 

AgCNO i ^ Ag^- -t- CNO- 6-6 

AgClj^-^ AgCl32- + Cl- ; pk4 + pk3 = 0-6; 

pk^ = - 4-3; AgCl .j,; pk^ = 9-7 

AgjCrOi I 2Ag-t + Cr04=- 11-4 

AgjCrjO- I ^ 2Ag-t- -+- CrjO,^- 6-7 

Ag2[Fe(CN)5NO] 2Ag+ -f Fe(CN)5NO=- . . . 12-1 

Ag4[Fe(CN)3] I ^ 4Ag-i- + Fe(CN)e‘- .... 40-8 

Agjie*- ^ Ag3l4^- +21- -12-3 

AgaV-^AgV- + Ag-t 12-9 

Agl43-?i.AgI ^ +31- -1-6 

Agl I ^ Ag-t + 1- 16-05 

AgI03 I ^ Ag-t + IO3- 7-3 

Ag3Mo04 i 2Ag+ + M0O42- 10-5 

JAgjO 4, + iHjO ^ Ag+ + OH- 7-7; 8-0; 7-5 

iAgfi 4, + iHjO ^ Ago- + H-t- 17-7 

Ag-^ + H,0 ^ AgOH + H^■ 11-7 

AgOH ^ Ago- + H+ 12-1 

Ag3P04 4 ^ 3Ag-t + PO43- 20-8 

Ag3S04 4, ^ 2Ag+ + S04=- 4-2 

AgjS I 2Ag+ + S*- 48-8; 51-2; 48-1; 

51-8 (I = 0) 

AgSH AgS- + H+ 5-3 

AgSH + H-i ^ Ag+ + HjS 9-25 

Ag(CNS)43- ^ Ag(CNS)32- + CNS-; pk4 + pk, = 2-4; 

pkj = - 3-5; AgCNS 4;pki = 12-0; 11-2 

Ag(S03)2®-5i Ag-t + 2SO32- 4-3; 8-5 

Ag{S203)3'-^ Ag(S303)3S- + S3O32-; pk3 = - 0*5-+ 0*5; 
pkj = 0-0-4; pki = 18-0 

AgCNSe 4- Ag-t- + CNSe- 15-4 

Ag2W04 4 2Ag-i- + WO4*- 9-3 

AgV03 4 ^ Ag+ + VO3- . ..... 9-9 

Ag 4 p-dimethylaminobenzyEdene rhodanine ^ Ag-t + rhodanine 18-1; 

20% alcohol 


17 
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Ag(II) 

Very acid cation, which exists only in the form of complexes, e.g. with 
NO 3 “. The solutions are brown or black; AgO precipitates around pH 1 . 
The nitrate complex gives a salt of Ag+ of low solubility. 

Redox. — (1) Ag+ + Ag | = 0-80 volt 

This system is a little more oxidizing than that of the ferric salts. The 
metal can still be attacked by oxidizing acids, hot cone. HNO 3 and 
H 2 SO 4 or by HCl in the presence of an oxidant. It is much more reducing 
in HCl on account of the formation of low-solubility AgCl (see p. 98). 
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FIG. 76. ^APPROXIIVIATE 

FORMAL NORMAL POTEN- 
TIALS OF THE REDOX 
SYSTEMS OF SILVER 


In the air, silver dissolves appreciably in cyanides forming the very 
stable complex Ag(CN) 2 “. In the presence of air, hydrogen sulphide con- 
verts silver into the very low solubility black AggS. 

4Ag I + 2 H 2 S t + O 2 t + 2Ag2S 4 , 

Silver salts are easily reduced, for example by Sn(II) in ammonia (just 
like Hg(II) and Bi(III) ). 

( 2 ) Ag 2 + + e ^ Ag Eq = 1*98 volts 
Formal potentials 

In I- 4 N-HNO 3 at 0 ° . . . : . 1*91 volts 

In 4 N-HCIO 4 at 25° 2-00 „ 

In N-NaOH 0*59 „ 

Salts of Ag(II) are unstable, because they are too oxidizing. They slowly 
oxidize water. Ag(II) oxidizes Mn^^- to Mn 04 '" in the cold, Pb^^ to Pb 02 , 
Ce3+ to Ce^+ 

SgOg^^ oxidizes Ag+ to Ag^^. 

The redox systems of silver are frequently catalytic. 

(3) AgsOg 4 . -f H 2 O + 2€ = 2AgO ^ - 1 - 20H- E'o = 0-76 volt 

Detection 

Precipitation of silver chloride, — It is precipitated at the start of 
analysis and is redissolved in ammonia, whence it is reprecipitated by an 
acid. 
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Only 10”^ g.-ion of Ag+ per litre (10 p.p.m.) can be detected thus. 

Avoid an excess of HCL BaClg can precipitate if the solution is 
sufficiently strong in HCI, but it redissolves on dilution. 

The presence of a coarse precipitate of HgaClg impedes the dissolution 
of small quantities of AgCi in NHg, since the AgCl is reduced and is con- 
verted to silver amalgam. 


THALLIUM 
T1 = 204-4 

States of oxidation. — I and III. The latter state classes the element 
with the ammonia group, whilst in the former it resembles the alkalis and 

also Ag(I), It also resembles lead: 
TI(I);Pb(II), Tl(III)/Pb(IV). 

T1(I) 

Thallous salts. — TlOH is a strong 
base, white, and soluble in water. TlgO is 
brownish black. The cation is colourless. 

Few complexes. None with 
(difference from Pb(II) and Ag (I) ); none 
with NHg (difference from Ag+). 

The low-solubility compounds resemble those of silver and lead: the 
chloride more soluble in the hot, the bromide, thiocyanate, yellow iodide, 
yellow chromate having a low solubility in dilute acids, the black sulphide 
a low solubility at pH 3. The platinichloride and the cobaltinitrite re- 
semble those of the alkali metals. 


m 

III6 

lYb 


Ga(III) 


Cd(II) 

In(III) 

Sn(IV) 

i Hg(II) 

1 

Tl(ni) 

Pb(IV) 


Equilibrium constants 


TlOH 

^Tl+ 

-f OH- . . . 

0*2 

TI2CO3 4, 

^ 2T1+ + COs®- . . . 

3-9 

TlBrOg j 

^Tl+ 

+ BrOs 

3-4 

TlCl 1 

^Tl+ 

+ CI- . . . . 

3-7 

TlCl 

^Tl+ 

+ C1- . . . . 

0-6 

TICNS 4, 

^Tl+ 

+ CNS- . . . 

3-8 

TIIO34. 

i:^Tl+ 

+ IO3- . . . 

5-3 

TlBr j 

^Tl+ 

+ Br- . . . . 

5-4 

TlBr 

^Tl+ 

4- Br- . . . . 

0-9 

TII j 

^Tl+ 

+ I- . . . . 

7-2 

TlgS j 

^ 2T1+ + S2- ... 

22-3-23*9 


Tl(III) 


Thallic salts. The cations are colourless: T10H^+ and T10+. Reddish- 
brown T1(0H)3 precipitates around pH 0*3 (O-OIM). is black. 

Niunerous complexes, in particular chloride ones up to TlClg®", not 
very stable. Unstable sulphate complexes. Complexes with the anions of 
hydroxylated organic compounds, with F“, €204®“, etc. 

HTICI4 is soluble in ethers. 
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Few of the compounds are less soluble than the hydroxide. TIPO^ is 
one of these. 

T1(0H)3 4 , ^ TP+ + 30H- 43; 45-2 

TP+ + H 2 O ^ T10H2+ + H-f- - 0-8 (I = 3-0 at 25°) 

Redox 

( 1 ) T1+ + e ^ T1 I Eo = “ 0-34 volt 

In N-HCl, E'o = - 0-55 volt; in N-H 2 SO 4 , E'o = - 0-33 volt. . 

The metal is a fairly strong reductant, and is nttle attacked by cone. 
HCl because TlCl is not very soluble and protects the metal. It is attacked 
by dilute nitric and sulphuric acids. 

Zinc, aluminium, and magnesium precipitate thallium from its salts. 

( 2 ) TP+ + ^ T 1 + Eo = 1*28 volts 

In N-HNO 3 E'o = 1-23-1-26; in 0 - 1-1 •ON-H 2 SO 4 , E'o = 1 - 21 . In 
0-6 N-HCl, E'o = 0-78 volt. 

In acid solution, the strong oxidant TP+ easily yields T1+; the forma- 
tion of low-solubility TlCl favours the reduction, and so TP+ partially 
oxidizes HCl, and completely oxidizes iodides. 

TP+ -f 31-^ Til + I 2 

The thallous salts are only oxidized by powerful oxidants, Mn 04 '", Cl 2 
in strong acid. On the other hand, T1+ is an energetic reductant in alkaline 
solution. 



0 2 4 6 8 10 12 ,14 

pH 

FIG. 77. APPROXIMATE FORMAL NORMAL POTENTIALS OF THE 

REDOX SYSTEM T1(III)/T1(I) AS A FUNCTION OF pH 

Detection of thallium. — Tl(III) and T1(I). — Thallium can be de- 
tected in the initial solution before adding HCL A yellow precipitate of 
Til is thrown down when an iodide is added. 

Solution required . — 5 per cent potassium iodide. 

Procedure . — Add a drop of iodide to a drop of solution in a micro- 
centrifuge tube. 

Concentration limit. — 3.10“^ g.-ion/litre (60 p.p.m.). 

Specificity. — ^Ag+, Pb^+, Cu^-H, and Hg 2 ^+ also precipitate. The first three 
are complexed by the addition of a drop of tartrate (15 per cent) and 
a drop of 20 per cent cyanide. 

Se, Te precipitate from their compounds. 

Oxidants, including TP+, precipitate iodine, which disappears in 
the presence of cyanide. 
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Note about reactions with iodides. — In dilute acid, the absence of 
a precipitate when iodide is added in excess indicates the absence of 
Tl(III) and T1(I) 3.10-S Pb(II) 2.10“^ Hg(II) 10“^ Ag(I) 

Se(rV) and Te(IV), Au(III), Pd(II). Cu(II) gives a marked coloration of 
iodine at 5.10“^ and a detectable precipitate at 2.10~^ g.-ion/litre. 
Hg(II) gives a red ppt. of Hglg which redissolves in an excess of iodide. 
The iodide complexes of Bi(III) are orange (2 . 10“^ g.-ion/litre); addition 
of thiosulphate does not eliminate this coloration. The complexes of the 
metals of the platinum group are orange to brown. 

Some oxidants, Fe(III), Mo{VI), etc., give iodine which disappears 
when a reductant is added (e.g. SoOg^-, CN-). 

Note . — If the solution is a sufficiently oxidizing one, for instance if 
indicators, such as benzidine, are oxidized, thallium is present in the 
III oxidation state. 

The flame is coloured emerald green by thallium. 

The visible spectrum is characteristic. 



CHAPTER VIII 


THE PRECIOUS METALS 

THE precious metals^ gold, platinum, and the metals of the platinum 
group, are fairly resistant to attack, i.e. they are not at aU easily oxidized. 


GOLD 
Au = 197-2 

States of oxidation. — I and III. The unstable AuOg is also known. 

Au(I) 

Gold is located in the periodic classification in terms of this state, in 
which it resembles Ag(I), Cu(I), and Hg(I). The hydroxide AuOH gives 
the unstable oxide AUgO. It is a stronger base than AgOH, and is ampho- 
teric. The ions are Au(OH)2~ or AuO”. 

The aurous salts are of low solubility like the cuprous and the mer- 
curous. AuCl is white. The sulphide An^S is a black powder which decom- 
poses into gold and sulphur. 

There are numerous complexes: stable thiosulphates, extremely stable 
cyanides. 

Equilibrium constants 


AuOH 1 ^ Au+ -f OH- . . . 

. 19-1 

AuCl2~^ Au+ + 2C1- . . . 

5-5 

AuBrg- ^ Au+ + 2Br- 

8 

Au(CNS) 43 -^ Au(CNS)2 ” + 2CNS- . 

4-8 

Au(CNS)2-- ^ Au+ + 2CNS- . . . 

. 13 

Aul 1 ^ Au+ + I- . . . . 

. 16 

Au(CN) 3-^ Au+ -f 2CN- . . . 

. 21 


Au(III) 

The rust-coloured hydroxide Au(OH)3 rapidly goes to the black 
AugOg. Its solubility in N-HNO3 is low (10“5M), and is also low in 
N-HgSO^ in 2ON-H2SO4 its solubility is 0-06M. The cations are 

AuO+. In alkalis, the anion AuOg” is formed. 

In HCl, Au(OH) 3 dissolves through formation of the complexes AuCl^-, 
AuClgOH”, which are yellow. Ammonia gives with the auric salts a dirty 
yellow precipitate of explosive gold fulminate. Hydrogen sulphide gives a 
precipitate of black AugSg which redissolves at pH 11 in Sg" (brown). In 
the hot, AugSg disproportionates into Au and HAUCI4 is soluble in 

ether. 
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Equilibrium constants 

Au(OH )3 I ^ Au3+ + 30H- 45 

AuCl 4 “ + H 2 O ^ AuClgOH- + Cl- + H+; = 6*1 

AUCI 3 OH- + H 2 O ^ AuCl 2 (OH) 2 - 4- Cl- + H+; pk^ = 7-0; 

pkg = 8-1; pk-^ = 8*5 

AUCI 4 - ^ Au3+ + 4C1- 19; 21*3 

AuBr^- ^ Aus+ + 4Br- 25 

Au(CNS) 4 - ^ Au3+ + 4CNS- .... 36; 37*5 

Redox 

( 1 ) Au+ 4 - e ^ Au Eq = 1*4,6 volts 

(2) Au3+ 4 - Au+ Eo = 1-39 „ 

Formal potentials 

In N-H 2 SO 4 saturated with auric oxide . . . 1-27 volts 

InN-HNOg „ „ „ „ ... 1-26 „ 

In HCl: AUCI 4 - + 2 e ^ AuCl^- 4- 2C1- Eq = 0*95; 0*93 volt 
Bromide complexes, 0*82 volt, thiocyanate complexes, 0-64 volt, and 
AuClg- 4 - Au 4 , 4- 2C1- Eo - 1*13 volts 
Thus it appears that in HCl AuCl^- is partially disproportionated, 
and the system 

AUCI 4 - 4 - 3e ^ Au I 4- 4C1- Eg = 1*01 volts 

is set up. Gold is a noble metal, i.e. it is oxidizable with difficulty. It is not 
attacked by any systems except those whose potential is high, aqua regia 
for example. The salts are easy to reduce, they are oxidants like chlorine. 

Ferrous and stannous ion, oxalic acid, hydrogen peroxide, all reduce 
the salts of gold to the metal giving a brown, red, violet or blue precipitate 
according to the particle size of the metal obtained. Reduction by Fe^t- Js 
specific. 

In alkali: AuOg- 4- 4H+ + 3e ^ Au 4 . 4- 2 H 2 O 

Formal potential: 0*30 volt in 7 — 8 N-NaOH. 

(3) AuOg 4 , 4- 4H+ 4 - Au I 4- 2 H 2 O Eg = 1*75 volts 

AuOg is not stable, because it is too oxidizing. 

(4) Aurocyanide complex 

Au(CN) 2 - + Au 4 , + 2 CN- Eg = 0*20 volt 
Gold dissolves in cyanide solutions in the air, and more rapidly when 
HgOg is present. 

Detection 

( 1 ) Reduction by Fe^+. — Gold salts are reduced by ferrous ions, 
metallic gold being precipitated. Make the test on the water bath. The 
reduction can also be effected by oxahc acid and hydroquinone in the hot. 

( 2 ) Detection of traces. — Purple of Cassius. — Gold salts are re- 
duced by stannous chloride in dilute solution to very finely divided gold. 
In the presence of colloidal Sn( 0 H )4 the gold is adsorbed and a purple 
coloration is obtained. The same results are obtained with Ti(III). 
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Procedure. — To some drops of water, add a drop of stannous chloride, and 
then a drop of the test solution. 

Concentration limit. — g.-ion/litre of Au(III) (2 p.p.m.). 

Interfering substafices. — These are very numerous (see p. 220). The metals 
of the platinum group in particular are precipitated. 

PLATINUM AND METALS OF THE PLATINUM GROUP 

Ru = 101*7; Rh = 102*9; Pd = 106-7; Os=191-5; Ir=-1931; Pt==195*2 

General properties. — The metals are not easily oxidizable. They 
give alloys which are more or less easily attacked. Aqua regia attacks 
them because of complex formation, and molten caustic potash also 
attacks all of them. 

The finely divided metals catalyse the majority of the reactions of the 
redox systems of water and principally: 

2H+ -f 2e ^ Hg t 

Reductants like hypophosphorous acid, chromous salts, can then 
react at a considerable rate on H ions giving Hg f . In their presence Og 
oxidizes more rapidly. They also catalyse numerous other redox re- 
actions: oxidation of CO, of oxalates, formates, etc. 

There are numerous cyanide, ammine, oxalate, thiocyanate, thio- 
sulphate, chloride and sulphate complexes. 

The metals can exist in several states of oxidation. 

PALLADIUM 

States of oxidation. — IV and II. II is the more important. 
Palladous salts. — The solutions are brown or red; reddish-brown 
Pd(OH )2 precipitates around pH 3*S and develops rapidly; it dissolves 
in very alkaline solution. The solubility of black Pdig is very low, but it 
dissolves in an excess of iodide to give a deep brown solution. PdS is black. 
Palladium cyanide Pd(CN )2 is yellow; its solubility is low. Palladium 
acetylide PdCg, obtained by the action of acetylene on the palladous 
salts, is pale yellow and of low solubility. Palladium dimethylglyoxime is 
yellow, of low solubility in neutral or fairly weak acid solution. 
(NH 4 ) 2 PdCl 4 is soluble. (NH 4 ) 2 PdCl 6 is of low solubility. 

Very stable complexes are formed with NHg, CN”, NOg”, etc. 

Pd(OH )3 4 , ^Pd2+ + 20H- . . . .--24 

PdCV- ^ Pd2+ 4 - 4C1-' .... 13-2 

KgPdClg 4 , ^ PdClgS- + 2 K+ .... 5*2 

Redox 

(1) Pd2+ + 2e ^ Pd I Eo ^ 0-99 volt 

In HCl: 

PdCl 42 - -f 2e ^ Pd I 4 - 401“ Eo = 0-62 volt 
The formal potential is -- OT volt, in 0-lM-CN"'. 

Cone. HNO 3 attacks palladiiun, giving a deep red solution. Hot 
cone. H 2 SO 4 also attacks the metal. The finely divided metal is oxidized 
in the air in cone. HCl. Aqua regia attacks it, yielding Pd(II). 
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The finely divided metal has the property of adsorbing large quantities 
of hydrogen; it then catalyses the reaction: 

Ha - 2e ^ 2H+ 

Pd(II) is reduced to the metal by SOg, Fe^^, alcohol, etc. 

(2) Pd^+ + 2e^ Pd2+ Eo ~ 1-6 volts 

PdClg^- -f 2e^ PdCI^^- + 2C1~ Eo = 1*30 „ 

Pd{OH)4 .j, + 2H+ + 2e^ Pd(OH)2 [• + 2H2O Eq ^ 0-8 volt 
Palladous salts are more stable than the palladic ones. 

Detection 

Iodide ions give black Pdlg, soluble in excess to give a deep red 
solution. Numerous ions interfere. 

Concentration limit — 5.10~^ g.-ion of Pd(II) per litre (5 p.p.m.). 

Stannous ions give a violet-black coloration (see platinum). Numer- 
ous ions interfere (see p. 220). 

Concentration limit — 5.10~^ (50 p.p.m.). 

Dimethylglyoxime. — In acid solution, DMG gives a yellow precipi- 
tate of palladium-DMG (see nickel, p. 196). 

Concentration limit — 10“® g.-ion/litre, or 100 p.p.m. 

Interfering substances, — The other congeners of platinum do not interfere. 
Gold precipitates by reduction of the reagent. 

In the presence of nickel carry out the test in 0*2-1 ‘oN-HCl at the 
boil. Ni(II) does not precipitate. 

PLATINUM 

States of oxidation. — II and IV, the latter is the more stable. VI is 
represented by the unstable PtOg. 

Pt(II) 

The freshly precipitated hydroxide Pt(OH)2 is soluble in HNO3 and 
cone. H2SO4. It develops rapidly and then its solubility in these acids 
becomes low; it is scarcely soluble in NaOH. 

Black PtS is soluble in sulphides and gives reddish-brown anions. 
Ptlg, brownish black, has a low solubility. 

Numerous complexes: PtCl4^~red, Pt(N02)4^“5 Pt(CN)4^'", Pt(C204)2^‘", 
Pt(CNS)42- red, etc. 


Pt(OH)j 4 , ^ Pt*+ + 20 H- . . . 

. -^35 

PtClj^- ^ Pt=>+ + 4C1- . - . 


PtBr^*- ^ Pt“+ + 4Br- . . . 

. -^18 

PtS 4 Pt®+ + S®- . . . . 



Pt(IV) 

The freshly formed hydroxide H2Pt(OH)e is white (it may also be 
represented as Pt(OH)4). Only slightly soluble in 2N-HNO3 and H2SO4, 
soluble in alkalis giving the anion Pt(OH)6^“, and in NHg giving ammxnes. 
In HCl, orange PtClg^" is formed. The sulphide PtS 2, brownish black, is 
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of low solubility in acids, and difficultly soluble in alkalis. Pt(IV) is met 
with almost entirely as complexes such as the platinichloride ion PtClg^". 
Ammonium and potassium platinichlorides are of low solubility; when 
ignited, they yield platinum. 

The complexes are very numerous. The cyanide complexes are very 
stable and are colourless. Ptlg^" reddish brown, Tt(CN)Q^~, Pt(N 3 ) 2 ^~, 
Pt(N 02 ) 6 ^“j etc. 

K2PtCl6 I ^ PtClgS- + 2K+ 5 

Redox 

( 1 ) Pt 2 + + 2e ^ Ft 4 , . . . -- 1-2 volts 

Pt(OH )2 ^ + 2H++ 2e ^Pt I ... 0-99 volt 

In Cl- solution: 

PtCl 42 - -f 2e ^ Pt 4 , + 4C1- 0-78 volt 

(2) Pt{IV) + 2e^Pt(II) 

In C1-: PtClg^- + 2 e ^ PtCl 42 - + 2C1- Eq = 0-76 volt 

(Bromide complexes, Eq = 0*65 volt.) 

Thus, in Cl“ the oxidation state II is disproportionated, at any rate 
partially. 

Platinum, as well as other metals of the platinum group, is a ‘noble’ 
metal attacked with difficulty by oxidants, unless complexes (e.g. with 
C1-) are formed (aqua regia). Finely divided, e.g. when alloyed mth a 
relatively small proportion of silver, it is attacked by HNO 3 . 

The salts are easily reduced, but less easily than gold salts. Thus, 
oxalic acid, ferrous salts, and SO 2 do not reduce them in HCl (difference 
from gold). Fe, Zn, Al, HCHO, in alkaline solution, precipitate platinum 
as a black powder. 

Detection. — ( 1 ) Stannous chloride gives a reddish-orange colora- 
tion. Numerous ions interfere. Concentration limit 2 . 10 ”^ g. -ion /litre. 

( 2 ) Iodides give a brownish-pink coloration of Ptlg^”, 10“^. Numer- 
ous ions interfere (see p. 247). 

RUTHENIUM 

States of oxidation. — ^All from I-IV, VI, and VIII. 

Ru(VIII). — The oxide is RUO 4 , volatile and toxic; gives a yellow 
solution in water. The dissolved oxide gradually decomposes to RuOg. 
Chloride complexes are known. 

Ru(VI). — In acids, chloride complexes such as RUO 2 CI 42 -. In alkaline 
solution, orange ruthenates, RUO 42 -, are formed; they are xmstable and 
slowly disproportionate, forming RuOg. 

Ru(IV). — Deep reddish-orange chloride complexes. They are reduced 
to Ru(III) by numerous reductants (!“, Fe^+), etc. 

Ru(III). — ^Numerous complexes, chloride, ammine, oxalate, etc. 
Ru(OH) 3 , which is brownish black, is of low solubility in alkaline solu- 
tion. It precipitates from RuClg^- at pH 3*2-3*5. 

Ru(II). — Deep blue. 
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Redox 

Ru I — 3e ^ Ru3+ 
Ru(V) + e ^ Ru(IV) . 
Ru(IV) + e;c^Ru(III) . 
Ru(III) + e^Ru(II) . 
Ru(II) 4 - e^Ru(I) . 


0*9 volt 

1*40 volts in N-HCIO4 
0*87 volt in N-HCl 


0*7 


j j 


0*04 „ 


„ N/lO-HCl 


Reduction by titanous sulphate yields Ru(II). It oxidizes slowly in the 
air. The following disproportionation reactions occur: 


2Ru2+ 

2Ru+ 


Ru I + Ru^H-l 
Ru j + Ru2+j 


2N-HC1 


Zinc in hot acetic acid gives Ru. 

Powerful oxidants like ]VIn04" give the volatile RUO4, which is reduced 
by cone. HCl, giving Ru(IV) and, slowly, Ru(III). 

The metal is attacked with difficulty by strong acids in the presence of 
ClOg” giving Ru 04~; it is generally brought into solution by oxidizing 
alkaline fusion. 


OSMIUM 


States of oxidation. — III, IV, VI, VIII. 

Os(VIII). — OSO4 is volatile, toxic, soluble in the cold; HgOsOg, bright 
yellow, is known, pk = 12*1. 

Attacking the metal with molten KOH gives the osmate ion Os04^“ 
which in acids disproportionates into OSO4 and Os(OH)4. Powerful 
oxidants end up by producing OSO4. Os(VIII) can be reduced by iodides 
to Os{OH) 4; HCl yields OsClg^-. Sn(II) reduces it to the metal. 

Os(IV). — O s(OH )4 brown, OsClg^". 

Os/OsClg®", E = 0*44 volt in dilute acid. 

RHODIUM 

States of oxidation. — III, IV, VI. 

Rh(VI).— The rhodates, Rh042-, deep violet. 

Rh(IV). — ^The hydroxide Rh(OH)4 is soluble in acetic acid to give a 
blue solution and in potash to give a deep green one. 

Rh(III). — ^This is the most important state of oxidation. Hydrated 
RhgOg is yellow, brownish black in the hot, and soluble in acids; freshly 
precipitated, it dissolves in cone. KOH but is precipitated on dilution. 

RhClfi^-" precipitates at pH 6*6. 

There are numerous complexes: Rh(OH)3Cl3®“ reddish brown, 
RhCle®" yellow. 

RhClfiS- Rh3+ 4 - eCl- 12 

Rh(C204)33“, Rh(CNS)3 orange, Rh(CNS)e3“ garnet, RhCCN)^^- 

Numerous ammines. 

Redox.— Rh(IV)/Rh(III), B = 1-42 volts in N-H2SO4 (sulphate 
complexes). Rh(VI)/Rh(IV), E = 1-44 volts in 0-2N-H2SO4. Rh{IV) 
thus disproportionates easily: 

3Rh(IV) ->-Rh(VI) + 2Rh(III) 
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Reduction of Rh(VI) nearly always yields Rh(III). However, if HF is 
used, a halt can be called at the state IV as a result of complex formation. 

RhCle^- + Se^Rh 4, + 601” . . . 0-64 volt 

Rh(VI) + 3e ^ Rh(III) 1-46 volts 

Rh(CX)6®~ and Rh(NH3)5CP+, very stable, are not oxidizable, even 
electrolvticallv. 

Rh/Rh(Ili), E = 0*7 volt in N-HCl, and 0*80 volt in N-HClO, 
0*7 volt in H2SO4. The massive metal is not attacked by aqua regia, 
but is so when divided. Molten KOH gives RhgOa. 

IRIDIUM 

States of oxidation. — III, IV, VI. 

Ir(III). — IrClg®" is brown to green; NaOH precipitates Ir(OH)3, 
black, at pH 7*5, which oxidizes slowly in the air. 

Numerous complexes. Ir(CN)6^“, Ir(CNS)3, ^(0304)3^“, ammines. 
ilraOg I + t'H20^Ir3+ + SOH" . . . --45 

IrCle^- - 1^3+ + 6C1“ 14 

Ir(IV). — IrOg dissolves slightly in cone. HNO3 to give a blue solution, 
and dissolves very slightly in alkalis. IrClg®", reddish brown, precipitates 
at pH 7. 

Redox. — The metal is not attacked by aqua regia; when alloyed with 
platinum, the attack is slow. Molten KOH forms the iridate anion ^04^-. 

IrClfi^- - IrClgS- Eq = 1-02 volts 
Ir I + eCl- -- 3e ^ IrCle^- Eq = 0-72 volt 



CHAPTER IX 


IONS DERIVED FROM THE HALOGENS. 
FLUORINE. CHLORINE. BROMINE. IODINE 

THE halogens are to be found in the seventh group of 
the periodic table. 

States of oxidation. — Almost all from I” to 
VII+ are represented. The anions I~ are more and 
more basic in the directioij of the arrows in the table 
alongside. Among the halogens, only F“ is basic, 
pk = 3*2. HCl, HBr, HI are strong acids completely 
ionized. F~ differs from the three others in particular 
in its poorly ionized compounds. 


Redox 

Og + 4e 20^- 0*26 volt 

Fa + 2e:^ 2F~ 2-85 volts 

Cl2+2e^2Cl- 1*41 „ 

Bra + 2e^2BT- 1*09 „ 

Ig + 2e^ 21"" 0*62 volt 

For the fictitious concentrations | Og |, | Fg ], etc. = 1. 


VII 

02- 

F- 

S2- 

Cl- 


Br- 

i 

1“ 


FLUORINE 
F = 19-00 


Only one state of oxidation — 1“*. 


Influence of pH , — In concentrated solution, HgFa is present; the 
first acidity is strong: HgFa — > HFa” + H+. 

HFa" is a complex of low stability: 


|HF|.|F-| 

lHFa-| 


= 0*19; 2?k = - o r 


In dilute solution, we thus have 


HF ^ H+ + F-; pk = 3*2 

Properties of HF. — It boils at 19°. It is miscible with water, toxic, 
and corrosive. With water it gives an azeotrope which boils at 120°, and 
whose strength is approximately 12N. 

It attacks SiOg, giving, in the absence of water, gaseous SiF^. 

SiOg 4' 4HF ^ SiF4 'f" -j- 2 H 2 O 
SiOFa, a solid, can also be produced. 

Silicon fluoride reacts with water to give hydrofluosilicic acid, and 
gelatinous silica. 

BSiF^ t + 4HgO-> 2SiFe2- + 4H+ + Si(OH)4 | 

From aqueous solution, HgSiFe distils with water. 

HF can only be handled in vessels of platinum, silver, or of some 
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plastics. When converted to the form of fairly stable complexes, such as 
borate ones or those with Al(III), the attack on glass ceases. 

Low- solubility compounds. — A certain number of fluorides are 
soluble, among which are those of the alkali metals and silver. The 
solubility of the majority is low, but they dissolve in strong acids. The 
fluorides of ions of elements in the IV oxidation state, and those of the 
rare earths, have a low solubility in strong acids; some of them can be 
considered as salts of strong acids: Ce[CeF6]; or of fairly strong acids: 
Al[AlFe]. 

Complexes. — Complexes are extremely numerous with ions whose 
oxidation numbers are III, IV, VI. The most stable are those with 
Al(III), Be(II), Sn(IV), Zr(IV). Fairly stable ones are formed with B(III): 
BF4 “, BFsOH". Relatively unstable complexes with Si(IV), e.g. (SiFg)^-. 
A certain number of complexes give low- solubility salts: 

NagAlFg, NagFeFg, Na.ThFg 


Equilibrium constants 


HF^-; 

HF = 
LiF I 
BaF 2 ^ 
PbFa I 
MgFa j 
SrFg I 
CaFs ^ 
AlFg^- 

Al[AlFe] ^ 
Na3[AlFg] 4, 

FeFgS- 

BeF+ 

SiFg^- 

SiF* -f 2H2O 
HBF4 -f- HaO 
HBF3OH + HaO 
ThF/l 


ZrFgt* -f- H+ 


HF -F F- - 0-7 

H+ -I- F- 3-2 

Li+ + F- 2-3 

Ba2+ 4- 2F- 5-8 

Pb2+ 4. 2F- 7-4 

Mg2-f- 4- 2F“" 8*2 

; Sr 2+ + 2F- 8-5 

Ca2+ -f 2F- 10-4 


AIF52- 4. F-; = 0-5; pk^ - 1-6; pk^ = 2-7; 


AIF3 pka = 3-85; pko = 5-0; — 6-1 

AP+4-A1F65-. 9-4 

3Na+ 4- AlFgS- ^27 

FeF^- 4- F-; pkg = 0*5; pk4 == 2-2; pkg = 3-0; 

pka = 4-2; pkj =- 5-5 (I = 0-5) 

Be2+ 4- F- 4-3; 5-2 

SiF4 -1- 2F- 7-2 

SiOa I + 4HF 8 

HBF3OH 4- HF 2-6 

HBF2(OH)2 4- HF 2-0 


ThF3+ 4- F-; pk4 = 8-8; pkg = 4-7; pkg = 6-1; 
pki = 7-8; pk4 4- pkg 4- pkg + pk^ = 27-4 
(I = 0-5); 28-1 

ZrFa^^ -f HF; pkg = 2-8; pkg = 4-3; pk^. = 5-8 


Redox 

Fa 4- 2F“ . . . . -f 2-85 volts (calculated) 

Fluorine is the strongest oxidant known. It can only be prepared by 
dry electrolysis. It reacts with all systems, in particular with water giving 
oxygen and ozone: 

F, t +H20^2HF + ^0^ t 
on SO 4 *- to give SjOg^- on Co*+. Ag+ etc. 
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Detection 

(1) Attack on glass. — (a) Place the substance to be examined in a 
platinum or lead vessel and mix with cone. H2SO4. Cover the vessel with 
a watch glass, a part of which has been w^axed. The unprotected parts are 
etched by the HF, Leave for several hours in the cold or J-hour in the hot. 

Substances which complex F~ strongly, such as AP+, hold up small 
quantities of F“. Silicon and boron interfere giving HgSiFe and HBF4. 

(b) Clean a small test-tube with a chromic-sulphuric acid mixture in 
the hot. Rinse. Introduce J ml of cone. H2SO4. Make sure that the acid 
wets the glass uniformly. Add several drops of the solution being ex- 
amined or a particle of the solid. If fluoride is present, the walls of the 
tube will not be wetted. The reaction is specific, but substances which 
complex F~ interfere, at any rate when the F~ is present in small con- 
centration. 

Hot cone. H3PO4 also attacks glass. 

(2) Silicon fluoride. — The apparatus shown in fig. 92a, page 326, can 
be used. Mix 0*2 g of silica with 0*1 g of the substance to be examined, 
followed by J ml of cone. H2SO4, Heat for 30 minutes on the water bath. 
SiF4 and HgSiFg, if formed, react on a drop of water at the end of the 
interior tube, and a deposit of silica is formed. 

Compounds which hold up F~: B(III), Al(III), etc., reduce the sensi- 
tivity. 

(3) Complex with zirconium. — Salts of zirconium give with 
alizarin S (and also with alizarin) a red coloration (see p. 79). F“ ions 
cause this coloration to disappear as a result of the formation of stable 
complexes with Zr(IV). 

Materials required. — 0*05 g of zirconium nitrate and 50 ml. of 12N-HC1. 

0*05 g alizarin S in 50 ml of water. 

Mix equal quantities of the two solutions just before use. 
Procedure . — Add a drop of the solution being examined to a drop of the 
reagent. The latter is decolorized. The final colour is yellow (of 
alizarin S in acid solution). 

Concentration limit. — 10~^ g.-ion of F~ per litre (2 p.p.m.). 

Interfering substances. — (1) The solution should be sufficiently acid to 
avoid complete precipitation of Zr(OH)4. Also the addition of basic 
anions, COg^", etc., should be coimteracted by the addition of acid. 

(2) Oxidants; ClOg", BrOg”, lOg”, CrgO^®", H3ASO4, HCIO, can 
destroy the dye. These can be reduced beforehand by addition of an 
equal volume of 10 per cent KNOg. Cone. HNO3 must be avoided. Sul- 
phites decolorize the solution slowly. They are oxidized by nitrites. 

(3) Anions which complex Zr(IV), in particular €204^-, give the 
same reaction. They can be got rid of by prior ignition of the solid. 
Large quantities of 804®- diminish the sensitivity. They can be 
eliminated with Ba^^. 

Cations which complex F~ diminish the sensitivity or inhibit the 
reaction according to their concentration and the stability of the 
corresponding complex. This is the case with Al(III), Be(II), Sn(IV). 
Si(rV’) and B(III) do not interfere. 
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Compounds which precipitate Zr(IV) in acid solution can interfere 
and decolorize the solution: H 3 PO 4 , H 3 ASO 4 in excess. 

General note . — The reactions can be carried out to detect certain solid 
fluorides; phosphates then interfere little. Heat. But natural fluorides 
are particularly difficult to attack. It is then necessary to break down 
the mineral in the dry way before making the test. However, in 
numerous cases, it is sufficient to attack it with hot HCl in the presence 
of boric acid which takes F“ into solution as a complex. The reaction 
can then be carried out. 

Analogous reactions can be utilized for the detection of F”. For 
example morin, which gives a fluorescence with zirconium (p. 179), 
Fe(CNS)2+ Ti02+, etc. 

CHLORINE-BROMINE— IODINE 
Cl = 35*46; Br = 79*9; I = 126*9 


States of oxidation. — In principle, all from 1“ to VII+. 

Below are given the values of the potentials calculated for the different 
systems: 


volts 

volts 

volts 

1-/0 . 

O/I . . 

i/n . -1 

ii/iii / 

in/iv . 

IV/V . 
V/VI 1 ; 
VI/VII J 

t 

: CI-/CI 2 1 1*36 

1 CIgt/HClO 1*63 1 

HCIO/HCIO 2 1*63'] 

HC1O2/C102 1*26 r 

CIO 3 /CIO 3 - l*15j 

ClOs-ZClO^- 1*19 

Br-/Br 2 f 1*07 

Brat/HBrO 1*59 

HBrO/BrOa- 1*49 

I-/I 2 1 0*53 

I 2 /HIO i 1-45 

I 2 /H 2 I 2 O 3 - 

I 2 /HIO 3 I - 

I./IOg ^ — 

IO 3 -/HIO 113 

1-7 


It can easily be seen that the majority of these compounds are not 
in stable equilibrium. They should disproportionate. Some should only 
exist in aqueous solutions, CIO 4 - and C1-; Br-, Brg, and Br 03 -; I"** ^ 2 ^ 
10 3 -, HglOg all at _pH 0 . However, many compounds are stable for 
extremely long periods of time. 


ELEMENTS 

Chlorine is a yellowish-green gas. Its solubility in N-HCl is 0 * 1 M. 

Bronune is a deep red liquid which gives off reddish-brown vapours. 
Its solubility is 0 * 1 M. More soluble in the presence of Cl- as a result of the 
formation of Br^Cl— , and in that of Br— due to the formation of Br 3 — and 
Brg-. Its solubility is 0-4M in 0*4M-NaCl and 1 - 4 M in M-KBr. 

Iodine is a greyish-black solid. Its vapour is violet. Solubility 
2.10-®M. In the presence of I-, the solubility increases as a result of the 
formation of complexes, principaUy I 3 - IgCl”, IgBr- etc. HI 3 is a 
stronger acid than HI. Solubility of iodine in 6N-HC1 is 0*03M. 

Bromine is soluble in CCI4, giving a brown, iodine giving a violet and 
chlorine a colourless solution. 
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When the pH increases, halogens disappear by disproportionation. 
This occurs between pH 3-6 for Clg, 6-5-9 for Brg, and 9*5-11 for Ig. 

CI 2 + H 2 O ^ HCIO + Cl- + H+ 

Oxidation State I- 
Chlorides, Bromides, and Iodides 

Hydracids. — Gases which fume in air, colourless, very soluble in 
water up to about 20M. The solutions yield constant-boiling mixtures on 
distillation. Strong acids. HI is stronger than HBr, and the latter stronger 
than HCl. The anions are colourless. 

Low- solubility compounds. — The majority of the halides are 
soluble. Among the low-solubility compounds are the halides of Pb(II), 
T1(I), Cu(I), Ag(I), Hg(I). The io^des are less soluble than the bromides, 
and the latter are less soluble than the chlorides. White PbCU, PbBra 
and yellow Pbig are more soluble in the hot: they crystallize in shining 
leaflets on cooling. The solubility of vermilion Hglg and black Pdia is 
low, A certain number of basic chlorides, bromides, and iodides are also 
of low solubility: HgO, HgClg, SbOCl, BiOCl, MgOClg, but the majority 
of them redissolve in strong acid whereas the solubility of the normal 
halides is independent of pH except in the presence of HCl, when com- 
plexes are formed. Only AgCl is insoluble in aqua regia. 

Complexes. — They are very numerous and, in general, those with 
Cl“ are not stable, whilst those with I- are much more stable. The ions 
whose oxidation number is III, IV, and VI in general give complexes. 
Their stability is the same in very acid solution. Orange PtClg^", orange- 
brown Ig-, colourless Hgl 4 ^-, yellow IClg", yellow ferric and cupric, blue 
cobaltous, orange Bi(III) io^des, etc. 

A certain number of the soluble halides are not much ionized: for 
example the chlorides of cadmium (II), mercury (II), lead (II) and thal- 
lium (III). 

Organic solvents. — Numerous chlorides are soluble in fairly concen- 
trated ethereal HCl: Fe(III), Ga(III), Au(III),Tl(III), As(III),Sn(rV^), etc. 

Equilibrium constants 

PbClg-^ PbClg -f C1-; pkg = - 1-8; pk^ = 1*1; 
pki = 1*1; 1*4 

PbCls ^ Pb2+ -h 2C1- 3*7 

TlCl j ^ T1+ + Cl- 3*7 

CuClo- ^ CuCl I + C1-; pkg = - 2*0; pki = 6*7 

CuCl^s-- CuClg- + C1-; pk 4 = - 2*2; pkg = - 1*5; 
pkg = - 0*7; pki = - 0*2 

AgCl 4 ®” ^ AgClg^- + C1-; pki + pkg = 0*6; pkg = 5*4; 
AgCl I ; pkj^ = 9*7 

HggCli^- ^ HggClg- + Cl"; pki = - 1; pkg = 4*9; HggClg I ; 
pkg -f pki = 18 0; 17*5; 16*9 

CrCl2+ ^ Cr3+ -f- 2C1- 1*9 

ThCP+ ^ Th^+ + Cl- 0*25 (I = 0*5) 

ZrCP+ ^ Zr^+ + Cl- 0*3 

BiCli- + HgO ^ BiOCl ^ -h 3C1- -f 2H ^ . . 0*1 

18 
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BiOCl I 

AUCI 4 - + HgO 
AUCI 3 OH- + HgO 
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BiO+ + Cl- 

AuClsOH- + Cl- 4* H+; = 

AuClgCOH),- 4- Cl- + H+; 


8*2 
6-1 

= 7-0; 


9*2 


AUCI 4 - ^ Au^-^ 4- 4C1- 

19; 21*3 

SnCl 42 - - SnClg- 4- Cl"; 

pk 4 = — 0*5; pk^ = — 0* 

pkg = 0*7; 2 ?ki = 1*5 

FeCP+^Fe3+ + Cl- . 

1*4 

FeCl+ ^ Fe2+ 4 - Cl- . 

0*3 

HgCU^-^HgClj- + C1-; 

pk4 = 0*7; pk3 = 1*0; 

ph^ — 0*9; pkj = 7*15 

I,Cl-^l2 + Cl- . . 

0-3; 0-5 

ICI 2 - ^ ICl 4 Cl- . 

2*2 

BrXl-^Br2 4 Cl- . 

0*1 

IrCle^- ^ 1x3+ ^ 6C1- . 

. . . . -- 14 

PdCl42- ^ Pd^-f 4- 4C1- 

13*2 

PtCl 42 - ^ Pt 2 + 4 - 4C1- . 

. . . . -- 16 

BbCleS- - Rh3+ 4 - 6C1- 

. . . . -- 12 

BaCla 1 ^ Ba2+ 4 . 2C1- 

. . . . - 0*2 

CdCl+ ^ Cd2+ 4- Cl- . 

. . . . - 0*2 

Bxg- ^ Bxg -f Br- 

1*2 

Stg- Brj- + Br^ . 

0*4 

PbBxa 4 . PbBr+ 4- Br-; 

pk^ — 4*1; pkj = 1*1 

TiBr ^ TI+ 4 Br- . 

5*4 

AgjBre*- ^ AgBr | + Ag+ 

4 5Br- . — 2*4 

AgBr 1 ^ Ag+ 4 Br- . 

12*3 

HgjBr, 1 ^ Hg,2+ + 2Br- 

21-3 (I = 

AuBxg- ^ Au+ 4 2 Br- 

8 

AuBr 4 - ^ Au3+ 4 4Br- 

25 

CuBXg- ^ CuBr 4 ^ 4 Br-; 

pk^ = - 2*3; - 3*3; pk^ 

CuBr+ ^ Cu2+ 4 Br- . 

. . . . . 0-0 

PtBr 42 - ^ Pt^+ 4 4Br- 

. . . . -- 18 

IBxg- ^ IBr 4 Br- 

2*6 

IgBr- I 2 4 Br“ 

. . . . . 1 - 2 ; 1-1 

13 -^ 1241 - . . 

2*9 

I 5 - I 3 - 4 I 2 • 

2*5 


= 8-3 


Pbl 3 - 
Pbla I 
Til 4 

Hgl^ ^ 

^§ 2^2 4 ' 
Aul I 
Cul^-. 
Cul 4 , ; 
AgI/~. 
Agl ^ ^ 
CdV-. 


PK 
pK 

jpka = 6*4; 


^ Pblg- 4- I-; 

^ Pb 2 + 4 3I-; 
a. Pbl+ + I-; 

^ T1+ 4 - I~ 

i Hg2+ + 41- 
- Hg2+ + 21- 
^ Hg2^+ 4- 21- 
^ Au+ + I- 
^ Cul I 4- I- 
^ Cu+ 4 * I- 
i Agl I + 31- 
Si Ag+ + 1- .... 

i Cdls" + I-; 2?k4 = 1*5; 1 


= 0-5 

-f pkg + pki = 5-4; 6-3 

- pki -- 1 -^ 


■“3 “T A 9 i ^ J^4 = A i^9 JL - u , jpjft-s = ^ 

pka = 0*8; 1*2; pkj = 2*1; 1*9; 2*0 


1-5 
7*2 

30; 31; 30*3 
25 0; 28*3 
28*3; 27*9 
16 

3*1; 4*0 
12*0 
- 1*6 
. 1605 

■6; pkg = 2*1; 1*2; 1*3; 
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CI 2 + 2e^2Cl- 

Eq = 1*41 volts for I Cl 2 I =1 Ci~ p; 1*36 volts in solution saturated with 
chlorine for | Cl~ | = 1 (normal definition of potential in physical 
chemistry). 

In HCl, E = Ej -f 0*03 log j CI 2 | with the following values of the 
formal potentials: 


HCl . . 

. . 1 0-3N ' 

N 

4N 

6 N 

i 8 N 

j 12 N 

E(volts) 

■ • i-s-* : 

1*39 

1-26 

; 1*21 

i 1*13 : 

1*04 


In O ^N-HoSO^ E = 1*50 volts. 

Br, + 2e^ 2Br~ E^ — 1*09 volts 

E — 1*09 -f 0*03 log I Brg | volts for | Br” | = 1. 

In solution saturated with bromine, 1*07 volts for | Br“ | = 1. 
In bromide solutions, bromine gives Brg"; 

I Br “ I 

E = 1*05 4 - 0*03 log volts 


In chloride solution, BraCl- is formed, E = 1*13 volts in N-HCl. 
I 2 + 2e ^ 21- Eo = 0*62 volt (for | I 2 ] = 1 I- |^) 


In solution saturated with iodine, E — 0*54 volt for ] I~| =1. 

In the presence of Cl“, Br-, I”, the complexes 1 3 -, I 2 CI- are formed 
and the potentials change slightly: 


E = 0*54 -f 0 03 log 


II3-1 

ii-p 


volt 


In HCl, we have for [ I, total 1=11“ total \: 

HCl .... 0 , 3N 6N 

E (volts) . . . 0 G5 ; 0*60 0*52 (0*01M-0*001!M solutions) 

The redox reactions are reversible with iodine; with bromine, oxida- 
tion of bromide is fairly slow; chlorides are not oxidized at a reasonable 
speed by any except the most powerful oxidants unless catalysts are 
present or the solution is heated. 

The formal normal potential is independent of pH. As a result, even 
iodine becomes quite a strong oxidant in alkaline solution compared with 
the majority of other systems whose formal normal redox potentials in 
general decrease as the pH increases. 

In alkalis, Clg, Brg, and I 3 disproportionate. 

In water, Clg is in false equilibrium and should disproportionate so as 
to yield, finally, CIO 4 - and C1-. In practice, it first goes to HCIO and 
Cl“, a reaction which is practically quantitative at around pH 6 . HCIO is 
in false equilibrium but only disproportionates infinitely slowly in the 
cold. 

Br 2 disproportionates at pH 7-8 into BrO” and Br-; BrO” is in false 
equilibrium and goes very slowly over into BrOg- and Br- in the cold. 
In the hot, BrOj- and Br- are obtained as the final end products of the 
disproportionation of bromine, and this is nearly quantitative at about 
pH 8 . 
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1 2 disproportionates giving first HIO and 1 *“, HIO is rapidly con- 
verted to lOg” and I~; the transformation starts at about pH 9*5 and is 
complete at pH 11. 

Clg/Cl": chlorides are oxidized in concentrated solution by Mn04~, 
lOg”, etc. 

Chlorine is reduced by Br“, I“, SgOg^", and HgS, the two last 
yield sulphates. NHg is oxidized to Ng. Organic dyestuffs are frequently 
destroyed. 

Br2/2Br~: bromides are oxidized in acid solution by Mn04~, HCIO, 
cone, sulphuric acid, and by PbOg even in acetic acid. 

Ig^/Sl"": iodides are oxidized by the oxidants just mentioned and by 
nitrous acid, ferric ions, arsenic acid in strong acid. 

Iodine is reduced by hydrogen sulphide, with production of sulphur: 
in alkali, sulphides are oxidized to sulphates. Thiosulphates yield the 
tetrathionates in acid or neutral solution. 

Detection of halides 

Silver salts. — AgCl, AgBr, Agl have a low solubihty in dilute nitric 
acid. AgCl is soluble in ammonia, AgBr is also soluble provided that an 
excess is added: the solubility of Agl in NHg is small, and it is bleached by 
this reagent. It is thus important, before carrying out any reaction, to find 
out whether Cl~, Br” and 1 “ are present or not by preliminary tests. 

Interfering ions , — Black AggS has a low solubility in 4N-HNO3; 
oxidation dissolves it in the hot. HgS can also be eliminated by 
acidifying and boiling before adding the Ag+ ions. It can also be 
separated by means of cadmium acetate (see p. 289 ). 

AgCNS is also of low solubility and dissolves in NHg to about the 
same extent as does AgBr. CNS~ can be destroyed by boiling in acid 
solution in the presence of HNOg. 

The white ferrocyanide and the orange ferricyanide are also of low 
solubility. They can be separated beforehand by means of Co 2+; to 
^ ml of solution add J ml of I-2M-H2SO4, and J ml of 10 per cent 
cobalt acetate. Boil for a few minutes in the presence of paper pulp 
if necessary. Centrifuge. 

CN~ which gives Ag(Ag(CN)2) gives the same reaction. Acidify 
with HCIO4 and heat in order to drive off the HCN before adding 
Ag+. It is precipitated as Co(CN)2 if Co^+ ions are added in excess. 

§203^” gives a yellow precipitate of silver thiosulphate, which goes 
brown, then black as a result of conversion to silver sulphide. It can 
be eliminated by acidifying and boiling before adding Ag+. 

CIO” interferes, since it gives CIO 3- + AgCl, but when CIO” is 
present Cl” is also always present. 

Beduetants which reduce Ag+, namely Fe^+j Ti®+, etc., should be 
oxidized beforehand by heating with HNO3. 

Ng” interferes, and should be destroyed with HNOg. 

lOg” also precipitates as well as BrOg” and in concentrated 

solution. 

Detection of chlorides. — (1) Oxidizing properties of chlorine. — 
If a chloride be heated with an oxidant in excess, e.g. KMn04, in dilute 
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sulphuric acid, chlorine is liberated, whose oxidizing character can be 
demonstrated by a redox indicator, such as starch iodide paper, which 
goes blue, and then becomes colourless if excess of chlorine is present. 

Interfering substances. — If Br" and are present, carry out the test as 

indicated later. NOg”* and C10“ can interfere. A mixture of o-toluidine 
and aniline can also be used to reveal the presence of free chlorine. 
Solutions required 


Saturated aqueous solution of aniline ( 3-5 per cent) . . . 100 ml 

5 j „ „ o-toluidine (1*5 per cent) . . 20 ml 

Acetic acid 30 ml 


Procedure. — A paper impregnated with this reagent mixture is used to 
reveal the presence of chlorine. A \dolet coloration is obtained. 
Interfering substances. — 1“, CN", CNS” are oxidized beforehand by 
HNOg. Br“ interferes. See page 264 for the detection of Cl~ in the 
presence of Br~. 

( 2 ) Chromyl chloride. — Powdered potassium dichromate liberates, 
on heating with a mixture of dried chloride and cone, sulphuric acid, 
brown vapours of chromyl chloride, CrOgClg- If the vapours are trapped 
in ammonia, the yellow chromate is obtained. Traces of chromate thus 
formed may be detected with diphenylcarbazide (see p. 172). The reaction 
can be carried out with the form of apparatus shown in fig. 92 (see p. 326). 

Interfering substances. — The chlorides of silver and mercurous mercury 
whose solubility is low do not react. F“ and NOs” give a similar 
reaction. In adition, NOg- and also NO 2 “ interfere, since they form 
NOCl. I“, 10”, lOg” give iodine and Br”, BrO”, and BrOg” give 
bromine. CIO 3 ” and CIO 4 ” are decomposed (danger of explosion) 
going partly to CrOgClg. 

Detection, of bromides. — ( 1 ) Bromine. — The oxidation of bromides 
in dilute solution of sulphuric acid or in acetic acid by solid potassium 
permanganate liberates bromine, and yields a brown solution in carbon 
tetrachloride. Its presence can also be revealed by redox indicators 
(starch iodide test paper, etc.), but this is less specific. 

Interfering ions. — Ig, Clg, NOg are set free. 

( 2 ) Formation of eosine. — ^Free bromine reacts with fluorescein 
yielding tetrabromofluoreseein, or eosine, a pink dye. 

Material required. — A piece of pure filter paper (free from starch) is 
dipped in a saturated (5 per cent) alcoholic solution of fluorescein and 
then dried. 

Procedure. — Bromine is liberated as indicated in ( 1 ). The slightly moist 
paper is held near the solution. A pink colour appears. 

Interfering substances. — An excess of bromine decolorizes the paper but 
in that ease the pink colour reappears on drying. Iodine from iodides 
gives a similar red stain. Iodides should therefore be separated before- 
hand, by means of nitrous acid, for example (see p. 264). 

Much CN” and CNS~ interfere. CN~ can be got rid of by 



264 Qualitatwe Inorganic Analysis 

acidification and heating. Both these ions can be precipitated before- 
hand by adding Co(II) in excess (see p. 262). 

BrOg”* does not interfere if reductants are absent. 

Concentration limit — 4.10-^ g.-ion/htre of Br“* (30 p.p.m.). 

Detection of iodides. — ( 1 ) Liberation of iodine. — ^Nitrites in acid 
solution, in the cold, liberate iodine from iodides without oxidizing 

bromides and chlorides. Iodine gives violet vapours when heated and 
yields a violet solution in carbon tetrachloride. 

Interfering substances. — CN“ interferes by giving ICN. It can be eliminated 
by acidification and heating. 

If reductants are present, add an excess of HNO 2 to oxidize them. 
Concentration limit. — 10“5 g.-ion/litre in CCI4. Below this it can still pro- 
duce a blue colour with starch paste. 5 . 10 ~® g.-ion/litre of I"* (0*5 
p.p.m.). 

( 2 ) Starch paste. — Iodine in presence of iodides gives adsorption 
compounds with certain substances when the latter are present in excess: 
blue adsorption compounds are produced by the amylose present in 
starch paste and soluble starch, and also by a-naphthoflavone. Glycogen 
gives a reddish-brown compound, etc. These colorations can be used to 
detect iodine: they disappear on heating and reappear on cooling. 

The coloured compounds act as redox indicators. Below a potential 
of 0-60 volt they decolorize, since iodine is then absent. Between 0*60 and 
0*90 volt the blue colour appears since both iodine and iodide are present. 
Above 0*90 volt the compound is decolorized, even in the presence of 
iodine, because iodide is absent. Above pH 9, the coloration diminishes in 
sensitivity because of the disappearance of iodine by disproportionation. 

Detection of Cl™, Br-, I- in a mixture. — ( 1 ) Detection of I-. — 
Oxidize with HNOg or in acid solution, and extract the iodine 

liberated by means of CCI4 (violet coloration). 

( 2 ) Detection of Br~. — Treat the solution with PbOg in acetic acid 
or with dichromate in H 2 SO 4 (1*5N): only bromine is liberated. It can be 
detected with eosine paper, starch iodide paper, or by extraction with 
CCI4 (brown coloration). 

The solution may also be diluted to pH 3-4, 0 - 2 N permanganate 
added until the solution is pink and then extracted with CCI4. 

(3) Detection of Cl“. — (a) Add excess solid permanganate, then 
dilute H 2 SO 4 and then heat. Clg is liberated, and its presence is revealed 
in the manner indicated above. 

(b) The formation of chromyl chloride can also be used to reveal the 
presence of Cl“ in admixture with the other halide ions. 

If the halide ions are present as a mixture of AgCl, Agl, AgBr, these 
latter can be reduced by adding 0*2 g of zinc powder and 1 ml of H 2 SO 4 
(1-5N); wait 10 minutes. Ag, Cl~, Br“, I"' are obtained. 

The mixture of silver halides can also be fused with NagCOg in a loop 
of platinum wire; when the fused mass is taken up with water the same 
result is obtained. 

Or the mixture can be boiled with sodium sulphide: AggS and Cl“, 
Br*-, I- are obtained. 



Halogens and their Ions 


205 


Oxidation State 1+ 

Hypochlorites, Hypobromites, Hypoiodites 

Influence of jpH. — The hydroxides HCIO, HBrO, and HIO, h3^o- 
chlorous, hypobromous, and hypoiodous acids, are colourless and soluble. 

C1+ very acid: HCIO ^ 010“ + H+; pK = 7*3; 7*4 
Br+ „ „ : HBrO^BrO- + H+; pK = 8*7; 8*4 

1+ H^O ^ lOH + H+; pK - 4*5; HIO ^ 10“ + H+; pK = 11 to 12 

The acidity constants indicate the domains of existence of the dif- 
ferent ions. All the compounds are in false equilibrium and should dis- 
proportionate; but the rate of transformation is slow with HCIO, C10“ 
and BrO~ in the cold; for 1+, HIO, and 10 ~ it is rapid, the two latter 
however do exist for some time: 

310- -> IO3- + 21“ 

The disproportionation can be accelerated by the formation of low- 
solubility compounds: 

3C10-+ 2Ag+— > 2AgCl I 4- ClOg- 

Complexes. — Br(I) and 1(1) exist in the form of yellow complexes: 
BrCl, ICl, ICI2-. 

Low- solubility compounds. — AglO and Hg(IO)2 are known. 



FIG. 78. — APPKOXIIVIATE FORMAL POTENTIALS OF THE REDOX 
SYSTEMS Cl(I)/Cr/Cl- AS A FUNCTION OF pH 

Redox. — In the oxidation state I the three halogens are in unstable 
equilibrium in the range of pH covered by aqueous solutions. In actual 
fact these oxidation states for bromine and chlorine are only slowly 
disproportionated in the cold. Thus redox systems can be defined which 
permit the prediction of the reactions which actually occur. 

They increase in oxidizing strength in going from iodine to chlorine, 
and are more oxidizing than the corresponding halogens in acid solution: 
the potential decreases when the pH increases. 

2HC10 + 2H+ + CI2 + HgO - 1-68 volts 
(see fig. 78). 

2HBrO + 2H+ + 2e^Br^ 4- H^O 

The calculated normal potential is 1*59 volts; 0*76 volt at pH 14 (fig- 79). 

The calculated normal potential of the system HIO /1 2 would be 1*45. 


266 


Qualitative Inorganic Anahjsis 

But 1(1+) is practically non-existent in solution. However, in solution 
sufficiently strong in HCl, we have 

2 ICI 2 - + I 2 + 4C1- Eo = 1-00 volt 
Disproportionation of ICls" into lOg- and 1 2 from pH 2. 



FIG. 79. APPROXIMATE FORMAL POTENTIALS OF THE PRINCIPAL 

REDOX SYSTEMS OF BROMNE AS A FUNCTION OF pH 

Formal normal potential is 0-75 volt in 6N-HC1. 

In CN” solution, we have 

ICN + 2e^ I- + CN- Eo = 0-33 volt 
In very acid solution, HCIO slowly oxidizes water: 

2HC10 CI 2 + 2H+ + JO 2 
and HCl more rapidly: 

HCIO + Cl- -I- H+ ^ CI 2 + HgO 

In alkah, the decomposition of CIO” (involving the oxidation of water) is 
rapid in the hot in the presence of oxides of nickel and cobalt (see p. 195). 
HCIO and C10~ oxidize I- to IO 4 - and so do HBrO and BrO- 
In alkali, hypochlorites and hypobromites are still strongly oxidizing. 
Their action on redox indicators can be deduced from the table on 



FIG. 80. — APPROXIMATE FORMAL FIG. 81. — ^FORMAL POTENTIAL 

NORMAL POTENTIALS OF THE OF Cl(III) AS A FUNCTION 

REDOX SYSTEMS OF IODINE AS OF pH 

A FUNCTION OF pH 
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page 119. Dyes are generally destroyed. Thus indigo carmine (0*1 per cent) 
is decolorized in water by CIO" when the solution is saturated with 
NaHCOg. 

The hypochlorites are reduced by hydrogen peroxide. 

HAsOg reduces them in acid solution. 

All these reactions, as well as their other oxidizing properties in weak 
acid, neutral, or alkaline solution, distinguish them from the chlorates. 


Oxidation State III + 
Chlorites 


CP+, a strong acid, does not exist. Chlorous acid, HClOg, is colourless, 
pK =2*3. The solubility of the yellow AgClOg is low. 

HCIO2 + 3H+ + 4e^Cl- + 2H2O 
The formal potential is shown in fig. 81. Very slow from right to left, 
and from left to right above pH 5. 

HCIO2 is in false equilibrium; it should finally disproportionate into 
C104~ and Cl- but this reaction is infinitely slow. In very strong acid, 
HCIO2 is not stable, it yields CIO 2 and CIO 3“. 

Iodine is oxidized at pH 4: 

5HCIO2 + 2I2 + 2H20->4I03- + 5C1“ + 9H+ 

HBrOa. — Bromous acid. 

I(III). — HIO2 forms as an intermediate in the disproportionation of 
iodine: 

I2 + OH- HIO + I-; 2HIO + OH--> HIO2 + I- + HgO 
The reaction HIO -f HlOa--^ H2I2O3 (condensed compound corre- 
sponding to 11+) also occurs. 

HIO 2 is unstable and 103“ is finally obtained: 

3I02--~>2I03- + I- 


In HCl, ICL and ICL" are formed: 


ICU 


= 7 . 10 -^ 


IBrg also exists. 


Oxidation State V + 


Chlorates, Bromates, lodates 

The cations do not exist. The complex corresponding to ICI5 does 
exist, however, in very strong HCl. 

HCIO3 is a strong acid, stronger than HCl; HBr03,pK = 0*7; HIO3, 
pK - 0*8. 

Anions and cations are colourless. No stable complexes. 

C1(V). — The chlorates are all soluble. The least soluble are: KCIO3 
0-6M, AgClOg 0*6M, Ba(C103)2 0-9M. 

In strongly acid and dehydrating solution (H2SO4) ClOg is formed, 
a yellow explosive vapour. 

Br(V). — The solubility of many of the bromates is low: a few unstable 
complexes are known. 
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Equilibrium constants 

KBrOs I ^ K+ -f BrOg- 1-2 

Pb(Br03)2 I ^Pb2+ + 2Br03- 1-7 

TlBrOg) I ^ T1+ + BrOg- 3*4 

Ba(Br03)2 | ^ Ba2+ + 2Br03“ 5-3 

AgBrOg I Ag+ 4- BrOg" 4-3 


Th(Br03)22+- ThBr033+ + BrOg-; = 0-1; = 0*8 (I = 0*5) 

I(V). — HlOg is a colourless solid. IgOg is a solid. Iodic acid is soluble 
to the extent of 0-5M. pk = 0-8. 


Equilibrium constants 

20(103)2 ^ ^ ^lOg" 4- Zn2+ 5*4 

La(I03)3 I ^ 3IO3- 4- La3+ 9-2 

Ca(I03)2 I ^ 2103“ 4- Ca2+ 5-7 

10(103)3 I ^ BlOg- 4- In3+ 10-6 

Cu(IOg)2 j ^ 2IO3- 4- Cu2+ 6-9; 7-1 

Ba(I03)2 I ^ 2103“ + Ba2+ 8-9 

Sr(I03)2 I ^ 2IO3- 4- Sr2+ 9*6 

TIIO3 j ^ IO3- 4- T 1 + 5*3 

Pb(I03)2 I ^ 2IO3- 4- Pb2+ 12*5 

AglOg I ^ IO3- + Ag+ 7-3 

Hg(I03)2 I ^ 2IO3- 4- Hg2+ 18-7 

Cd(I03). ^ Cd2+ 4- 2IO3- 7*65 

20(103)2 ^ 2n2+ + 2IO3- 5*4 

Mn(I03)2^Mn2+ 4- 2IO3- 6-3 


Th(I03)3+ ^ Th(I 03 ) 22 + 4. IO 3 -; pk 3 = 2-35; pk 2 = 1*9; 
pki = 2-9 (I = 0-5) 

Addition of strong acids exerts fairly little effect on the solubility of 
iodates. 

Redox. — ClOg- is in unstable equilibrium. It should disproportionate 
into CIO4” and Cl”, but the reaction is infinitely slow in aqueous solution. 

ClOg” + 6H+ 4- Se^iCl^ t + 3H2O Eo = 1-47 volts (calculated) 
This value calculated from the equilibrium constants has scarcely any 
practical significance, because equilibrium is only established extremely 
slowly. In general the chlorates react at a practically zero rate, except in 
very acid solution. 

The reduction potential at pH 0 is of the order of OT volt. In weak 
acid or neutral solution, osmic acid catalyses the reaction. The chlorates 
are not reducible in alkaline solution, even electrolytically. 

In strong acid, chlorates are reduced by sulphurous acid, nitrous acid, 
Fe2+, and cone. HCl. 

BrOs” 4- 6H+ 4- IBrg f 4- 3H2O Eq = 1-48 volts 

At pH < 3 bromates oxidize the bromides, iodides, etc. Above pH 3, 
they generally react very slowly. 

lOg” 4- 6H+ + 5c^ ilg j 4- 3H2O Eo - 1*19 volts 

At pH > 5, iodates react very slowly. They oxidize concentrated 
hydrochloric acid. 
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In very strong HCl, the system: 

IO 3 - + 6 H+ + 2C1- + 4^^ IClg- + 3 H 3 O Eo == 1*23 volts 
is set up. Thus, in fairly cone. HCl, reactions of the following kind occur: 
6 IO 3 -- + 6C1- + 4CNS- + 6IC1 + 4 SO 42 - + 4HCN + 2 H 2 O 

Sulphurous acid reduces them to I®, then to I“. The reaction stops at 
the I® stage in very acid solution with Fe^^ and CNS“. 

Detection of bromates. — (Odekerken). — ^BrOg-" is reduced to 
bromine which is detected with fluorescein, which gives a pink coloration 
due to the formation of cosine. 

Solution required, — Saturated solution in 50 per cent alcohol of fluorescein, 
N /10 in NaOH. 

Procedure. — To a drop of the solution, add several drops of the reagent 
and a crystal of ferrous sulphate. 

Concentration limit. — 5.10“^ BrOg" per litre (100 p.p.m.). 

Interfering substances. — IO 3 and CNS- give red colorations with Fe(III) 
and a black one. They should be precipitated with lead acetate. 
Fe(CN) 6 ®“ and Fe(CN) 6 ^” give blue colorations. They should be 
separated with Cd acetate. 

Detection of iodates. — (Odekerken). — It is reduced to iodine by 
CNS“ in acid solution. The iodine is detected as already indicated (p. 264). 

Solution required. — 1 per cent KCNS. 

Procedure. — To 2 drops of the solution add a drop of N-HCl, a few drops 
of CCI 4 and a drop of thiocyanate. Shake. A violet coloration appears. 
Concentration limit. — 10”® g.-ion /litre of 10 3 ” (20 p.p.m.). 

Detection of chlorates. — (1) Reduction. — Separate all the anions 
which can be precipitated as silver salts and centrifuge them out. To 
2 drops of the filtered solution add 4 N-HNO 3 , then M-NaNOg; CIOs” 
reduced. AgCl precipitates. 

Concentration limit. — 5.10”"^ g.-ion of CIO 3 ” per litre (40 p.p.m.). 
Interfering substances. — CIO 4 ” is not reduced, and so does not interfere. 
HCIO interferes; it is reduced by HAsOg in hot acid solution before 
precipitating with Ag+; otherwise it would give chlorate by dis- 
proportionation during this precipitation. 

A little BrOs” can escape precipitation and can then interfere. 

(2) Redox indicators. — ClOg” oxidizes at an appreciable rate in 
strong acid. The table of redox indicators shows that diphenylamine is 
oxidized to a blue compound by a certain number of oxidants among 
which are the chlorates. The same reaction is given by BrOg”, IO 3 -, 
CIO”, NOg”, CrgO^S" 104 -”, H 5 ASO 4 , etc. Note the difference from CIO 4 ” 
which does not oxidize. 

Solution required. — 0*5 g of diphenylamine in 100 ml of cone. H 2 SO 4 . 
Procedure.— -To 2 drops of reagent, add 1 drop of the solution being 
examined. 

Methyl orange in hot 6N-HC1 is decolorized. 

Benzidine and o-tolidine in 4-6N-HC1 turn orange. 

Concentration limit— 10-^ to 10“* g.-ion of CIO 3 - per litre (10-100 p.p.m.). 
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Interfering substances . — The same as those mentioned above under reduc- 
tion, except for H3ASO4, CrgO,^- and NOg- which only interfere when 
present in very high concentration. 

Reductants which do not react with chlorates in neutral or alkaline 
solution can reduce them in acid solution and can then inhibit all these 
reactions. 


Oxidation State VII + 

Perchlorates. Periodates 

Cl(VII).— HCIO4 is the strongest acid known. 

Only the perchlorates of potassium, caesium, ammonium and rubi- 
dium have a low solubility: OT4M-KCIO4 per litre. KCIO4 resembles 
KMn04 in properties. 

Redox. — The rate of oxidation by dilute HCIO4 is extremely small, 
and only becomes at all marked with extremely powerful reductants. 
CIO4- can be reduced by zinc in acids, in the presence of green Mo(III) 
acting as a catalyst. Very energetic reductants such as hydrosulphites, 
Ti(III), Fe(OH)2, reduce the perchlorate ion extremely slowly, even in the 
hot. It can be reduced by V(II), Cr(II), and the reduction is catalysed by 
I“, Mo(III), V(III), Re(V). 

In hot concentrated HCIO4, or in the presence of catalysts, the speed 
of reaction is considerable. Seventy per cent acid is used as an oxidant 
at its b.p. of 200 °. In more concentrated solution, the reduction can be 
so fast as to be explosive. I“, which catalyses reductions, is oxidized at 
as low a temperature as 135 ° to iodine; at 200 ° it is oxidized to HIO3. 

CIO4- + 2H+ + 2e^ CIO3- + H2O Eo = 1*19 volt (calculated) 

Br(VII). — Does not exist in any form in aqueous solution. 

I(VII). — Solid HIO4 and HglOg are known. The ions H6l04“’ or 
104' and HglOg^- or 1.209^" also exist. 

Equilibrium constants 


H5IO3 ^ H4IO6- -f- H+ .... 1 * 7 ; 3-3 

H4l06-^I04- + 2H2O . . . .-1*6 

H4IO3- ^ HglOe^- -f H+ . . . . 8 - 4 ; 6-7 

HalOe^-^HalOfiS- + H+ .... 150 

(NH4)I04^NH4+ + IO4- .... 1-8 


Numerous periodates are of low solubility. 

Silver periodate AggHglOg is blackish brown, undoubtedly due to the 
presence of AgO. Ba5(I06)2 or Ba2l209, of low solubility in water, is 
soluble in concentrated acids. There are also periodates corresponding to 
H3IO5 and Hgl2044. 

HglOfi + H+ -f lOg- -f SHgO Eq = 1*7 volt (calculated) 

(fig. 80 ). 

Periodates are strongly oxidizing, but react slowly. They oxidize 
manganous salts to permanganates in hot acid solution. They remain 
powerful oxidants in alkaline solution (fig. 80 ). Reduction above pH 5 
generally halts at the 10 3" stage, this then being reduced further slowly. 
^2^2 yields lOg" in neutral, acid, or alkaline solution. In acid solution, 
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Cl"” also yields iodate. The majority of sufficiently powerful reductants 
reduce periodates right to I~. The reverse reaction is very slow in acids, 
hut more rapid in alkalis. Thus hypochlorites oxidize iodates to periodates 
in alkali. 

Detection of perchlorates. — (1) Reduction. — Precipitate with an 
excess of silver nitrate and in the presence of HAsOg if hypochlorites are 
present (see p. 269). Reduce the chlorates as mentioned on page 269. The 
solution resulting from the detection of chlorates is rendered alkaline, 
filtered, manganese nitrate added to it, evaporated to dryness, and 
ignited. Perchlorates are easily decomposed in the presence of the MnOg 
which is formed. Take up in water, acidify with HNOg, and detect the 
Cl“ formed with Ag+. 

(2) Precipitation of KCIO4. — This test is not very sensitive, because 
KCIO4 is fairly soluble; it is also non-specific; Re04-, SiFg^", BF4~, AIF^^-, 
etc., also precipitate. 

(3) With methylene blue. — ^This turns to violet in the presence of 
CIO 4” on account of the precipitation of the perchlorate of the organic 
base. The reaction is rendered more sensitive by the presence of zinc salts. 

Solution required , — 50 per cent aqueous solution of ZnS04.7H20, 0-2 per 
cent solution of methylene blue in the above solution. 

Procedure . — To a drop of solution, add J ml of reagent. It turns violet in 
the presence of CIO 4“. 

Interfering substances . — gives the same reaction. Powerful 
oxidants destroy the dye. 

Concentration limit. — 10~® g,-ion of CIO 4- per litre (100 p.p.m,). 1 part of 
CIO 4- can be detected in the presence of 1000 parts of CIO 3“. 

Detection of periodates. — (1) Reduction and liberation of 
iodine. — ^Numerous ions interfere. 

(2) Redox indicators. — A certain number of indicators are oxidized, 
e.g. ferrous dimethylglyoxime in ammonia. 

Interfering substances . — The same reaction is given by oxidants sufficiently 
powerful in alkaline solution: SgOg^"", Fe(CN)6®“, C10~, Mn04~, BrO“, 
I2, H2O2. 



CHAPTER X 

HYDROGEN 


H = 1008 

States of oxidation. — 1~ and I+, the latter being the only important 
one. Detection of hydrogen is a part of gas analysis, and is simultaneous 
with its quantitative determination. 

Solubility. — O OOlM in water. 

H(I“). — In certain hydrides, hydrogen is in the I~ oxidation state. 
Examples are: NaH, CaHg. On the other hand, the hydrogen in the 
hydrides of the less electropositive elements is in the 1+ oxidation state: 
HgAs, HgS. Arsine is thus really hydrogen arsenide, and should be 
formulated HgAs, the same being true for stibine, etc. 

H~ is a very energetic base which reacts with H+ liberating hydrogen: 

H“ -f H*!" ^ Hg t pK = 28 for Hg pressure of 1 atm. 

Thus NaH | -f H+^-^Hg f + Na+ 

It is an energetic reductant which oxidizes itself to hydrogen: 

2H~* — 2e Hg t Eq = — 2*2 volts for H pressure = 1 atm. 

H(I+). — This is much the more important. Hydrogen ions H+ are 
hydrated (see Chapter IV, Part I). 

Complexes with H+ are acids. 

2H+ + Se^r^Hg t (seep. 60) Eq = — 0*06 pH for Hg pressure = 1 atm. 

Hydrogen ions can act as oxidants, liberating hydrogen gas. 
The reaction is slow in both directions, as a result of which H ions 
are in general not in redox equilibrium with dissolved reductants. 
The reaction is catalysed by metals, particularly by finely divided 
Pt, Pd, etc. Very powerful reductants such as V(II) (Eg = — 0-20 volt), 
Cr2+ (Eq = — 0-40 volt) can reduce them, with liberation of hydrogen, 
in the presence of these catalysts. More energetic reductants do not exist 
in water owing to the presence of H+. 

Inversely, hydrogen can act as a reductant, but its action is very slow. 
The reaction can be catalysed, for example by metals with a large active 
surface: finely divided Pt, Pd, Ni. Palladous salts (Pdll), silver oxide in 
the hot, IgOg, and picric acid are reduced by hydrogen. 

The action of hydrogen on the oxidants like Fg, Og only takes place in 
the presence of traces of water: 

Og t + 4H+ + 4e^ 2 H 2 O . . . 1-23 volts; - 0 06 pH 

2 H 2 f - 4e ^ 4H+ .... ^ 0*06 pH 

Og t + 2 Hg t ^ 2H2O 

It is known that the last reaction does not occur unless substances 
which catalyse electron exchanges, e.g. finely divided platinum, are 
present, or at high temperatures at which the rates of reaction are very 
much increased. 
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CHAPTER XI 


IONS AND COMPOUNDS CONTAINING OXYGEN 

OXYGEN 
O = 16-00 

States of oxidation. — 11“ and I“: these are the two most important. 
11+ is known in F2O. 


Oxygen 

Solubility in water. — 1-5.10“^ g.-mol/litre. 

I“: Hydrogen peroxide. HgOg 

For analytic purposes 20 vol. (6 per cent, 2M) hydrogen peroxide 
is used, and also 100 vol. (30 per cent, ^ lOM). 

Hydrogen peroxide is a slightly stronger acid than water. 

Complexes and low- solubility compounds. — Hydrogen peroxide 
can donate H2O2, HO 2“, giving complexes. The stability of these 

complexes varies with the pH. They can also be destroyed by oxidation 
or reduction. 

Low- solubility compounds with HgOg, HOg-, and can be 

obtained; their solubility varies with pH. 

These complexes and low-solubility compounds are analogous to those 
obtained with HgO, OH", Thus, in the general case, we have cations 
in acid solution, similar to the basic ions of water, anions in alkaline 
solution, and compounds of low solubility which fall between the two. 
In general the compounds contain both water and hydrogen peroxide ions. 

Thus Ti(IV) gives orange cations which can be Ti(H202)^'^j then 
Ti02H3+, Ti022+, Ti020H+. For example Ti02(OH)2 precipitates, which 
contains the ions Ti^+, 20 ^-. Anions are formed in alkaline solution. 

U(VI) gives an orange anion in alkaline solution, and a precipitate 
U04,aq. in neutral solution. It redissolves in very acid solution: 

UO4 4, -f 2H+^U022+ + H2O2 

so that UO4 contains U«+, Og®", 20^-. No redox reactions are involved in 
any of these phenomena. 

The compounds such as NagOg, LigOa which are formed with the alkali 
metals are decomposed by water: 

NagOg 4 + H20^2Na+ + HOg- + OH“ 

The compounds with the alkaline earths, BaOa, etc., are soluble in 
acids. Numerous compounds are of low solubility in strong acid: ThgO^ 
or 2Th^+ 302^-, O^- 

The ‘persalts’ are soluble in water: 2C^+, 2K+, 40^ j » 

NaBOg, NagPgOg. 
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Orange-coloured cations with Ti(IV), V(V), MO(VI), W(VI), U(VI), 
Nb(V) and blue ones with Cr(VI) are obtained. 

Note . — Certain peroxides such as Mn025 Pb02 have different properties 
which can be explained in terms of Mn^+, 20 2-, and Pb^+, 20 2-. 
However, the two forms O^- and 02^“ can in theory co-exist. 

It has been proposed that the peroxides should be considered as 
compounds with hydrogen peroxide and the dioxides compounds 
with water, these latter corresponding to the metal in a higher 
oxidation state. 

Equilibrium constants 

HgOs^HOa" + H+ . . . . pkg = 11-7 

02^- + H+ pki = 25 

Note. — KO2 contains Og" (superoxide). 

FgO contains 02+. 


II-: Water. HgO 


Water is a strongly ionizing liquid, and the equilibria studied in 
Chapter IV, Part I (p. 26), are set up in it. In particular: 

02- + H+ pK = 20-8 


02- is a strong base, stronger than F“ 
(pK = 3*2), less basic than N^- and 
slightly more basic than S2- (pK = 14-9). 

Complexes. — These are anions and 
cations such as: NOg”, A102“, VO2+J 
Zr(0H)2+, etc. Their stability decreases in 
acid solution since 02- is a base. A large 
number are perfect complexes (covalent): NOg", CIO 3“, C104“, SO42-, etc. 


VI 


VII 


N(ni-) : o(ii-) F(i-) 
S(II~) I 


Redox systems 

We have in succession 0(II~) in HgO, 0(I~) in HgOg, and 0(0) in O2. 
Hydrogen peroxide only exists in metastable equilibrium and as a result 
the only stable system is H2O/O2. 

(1) 202- _ 4c ^ O 2 or 40H- - 4c ^ Og + 2 H 2 O 

or 2H2O ~ 4e^ O2 + 4H+ 


Water is the reductant, and Oo the oxidant. 


E 


^ 0*06 , 
E„ + — log 


|Oa|-|H+|^ 


or 


E 


_ 0 06 , 

Eq -h — - — log 


IQ2I 

102-1 


with Eg = 0*26 volt for pKi = 10--20-8, 

For solutions in equilibrium with oxygen at atmospheric pressure, 
E ^ 1*23 - 0*06 pH or E = 0*22 - 0*03*’log 1 02- 1 volt. 

These are calculated values. The reaction rate is slow in both direc- 
tions, as a result of which water is not in redox equilibrium with the 
majority of dissolved oxidants. 
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Oxygen 


Oxygen very slowly oxidizes numerous systems in solution: ferrous 
ions, hydrogen sulphide, sulphites, etc. Strongly reducing systems are 
oxidized rapidly: Fe(OH)2, V(II), Ti(III), etc. (see p. 60). 

Water, OH“ and 0^“ ions are oxidized even more slowly in general. 
Thus, strong oxidants like Mn04~, Ce^+ scarcely react at all; an additional 
potential difference is necessary. Fg oxidizes water, Ag2+ does so slowly. 
The reaction is catalysed by finely divided platinum. The system 
CoOg/CogOg (0*65 volt at pH 14) catalyses the oxidation of water 
(0*42 volt at pH 14) (see p. 195). e.g. by CIO-. 

In spite of the low rates of reaction, the Og/HgO system limits the 
existence of strongly oxidizing substances in water and that of strongly 
reducing substances in the presence of air. 

(2) O 2 t - 2e^202- 


or 


H2O2 + 2H+ + 2H2O 


Hydrogen peroxide is the oxidant, water the reductant. 


E = 1*77 + 0-03 log I H2O2 1 .| H+ 1 2 volts; Eq = 0*89 volt at pH 14 

(calculated) 

I O 2- I 

or E = 0-82 + 0-03 log ■ ! ,1 volt 

0-- P 


using the acidity constants on page 274. 

Hydrogen peroxide in general oxidizes quite slowly, except systems 
already of fairly strong reducing strength: I“, Fe^^, N2H4, etc. 

Catalysts: Mo(VI) in neutral solution, Os(VIII), etc. 

Hydrogen peroxide also oxidizes in alkaline solution: CrOg” goes to 
Cr042-, Mn(OH)2 goes to MnOg, etc. 

Inversely, if it is desired to oxidize water to hydrogen peroxide, it is 
necessary to have a potential greater than 1*77 volts at pH 0, and very 
much above it if a reasonable rate of oxidation is desired. Under these 
conditions hydrogen peroxide is oxidized to oxygen more rapidly than it 
is formed, because a potential slightly above 0-68 volt is required for this. 
We then have the system HgO/Og. 

(B) 


or 

Oxygen is the oxidant, hydrogen peroxide the reductant. 

E = 0*68 + 0-03 log (1 H+ |^/| HgOg |) volt for Og at 1 atm. pressure 
Eo = — 0-07 volt at pH 14 or E ~ 0-38 + 0*03 log | Og 1/| | volt 

As a reductant, hydrogen peroxide in general reacts rapidly in acid 
solution, more slowly in alkaline solution. 

Hydrogen peroxide reduces permanganate, hypochlorite, and ferri- 
cyanide in neutral or alkaline solution, PbOg in acid, iodate to iodine in 
acid solution, AgO in alkaline solution, auric salts, etc. 

2Fe(CN)63- + H20a-> 2Fe(CN)64” + 2H+ + O 2 t 
2Au3+ + 3H202~^2Au I + 3O2 t + 6H+ 


HgOg - 2e^02 + 2H+ 


19 
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In the presence of cyanide, gold is oxidized thanks to the formation 
of a very stable aurocyanide complex: 

2Au I + 4CN- + H 2 O 2 + 2 Au(CN) 2 - + 2 H 2 O 

Inversely, to reduce oxygen to hydrogen peroxide, it suffices to have 
a potential lower than 0*68 volt. But then hydrogen peroxide can be 
reduced to water quite fast (Eq = 1*77; considerable overvoltage). 

Disproportionation. — Hydrogen peroxide is in metastable equili- 
brium, since, according to the potential values, a molecule of H 2 O 2 acting 
as oxidant ought to react with another molecule of H 2 O 2 acting as a 
reductant. 

2H202“-^2H20 + O 2 t or 2022-“->202- + O 2 t 

In equilibrium, the two* potentials should be equal. 

I H+ |2 

1*77 + 0-03 log I H 2 O 2 I .| H+ |2 = 0*68 + 0*03 log | 

The value of | HgOo | is thus extremely small, in fact practically negli- 
gible, in equilibrium. But since the reaction is so extremely slow, the 
disproportionation takes place only extremely slowly, and metastable 
solutions of hydrogen peroxide can be preserved for a very long time 
(so long as catalysts which can accelerate it are excluded). 

Hydrogen peroxide disproportionates more rapidly in the presence of 
numerous catalysts such as Mn 02 /MnO in neutral solution, C 0 O 2 /C 02 O 3 , 
finely divided platinum, etc. Raising the temperature accelerates the 
reaction. Stabilizers inhibit the decomposition: urea, acetanihde, disodium 
phosphate, etc. In acid solution, as we have seen, the rate of reaction is 
lower. 

Catalysts of the system: 2 H 2 O — 4e ^ 4H+ + Og f 
also catalyse the decomposition of hydrogen peroxide by reducing it: 


whence 


2 H 2 O 2 + 4H+ + 46’ 
2 H.O.- 


Hydrogen peroxide can be prepared at ordinary temperatures by the 
formation of compounds (complexes or of low solubility) which displace 
the disproportionation equilibrium in the direction 


t -b 202- 


Detection of oxygen. — (1) Oxidation with change of colour of 
Fe(OH) 2 , Mn(OH )2 into rust-coloured Fe(OH )3 and brownish-black 
Mn(OH)4. 

( 2 ) Pyrogallol in alkaline solution absorbs oxygen and becomes deep 
brown in the process. The test-tube is inverted over a basin of mercury. 

(3) A certain number of redox indicators can be used. Thus the leuco- 
derivative of methylene blue is reoxidized, going blue: E = 0*00 volt at 
pH 7 . The leuco-derivative of indigo carmine can also be used. 

Numerous oxidants give the same reaction. 
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Detection of water.--(A) In a solid.—Heat in test-tube previously 
baked out. The presence of droplets of water can be made more obvious 
by using some powdered potassium permanganate, which turns red, 

(B) In a liquid. — Sodium liberates hydrogen slowly. Calcium carbide 

gives off acetylene. Carry out the test in test-tube inverted over a con- 
tainer of mercury. Wait several hours. Concentration limit: 5 . of H O 
per litre. ^ 

(C) In a liquid or solid. — Distil in the presence of anhydrous 
benzene, toluene, or xylene. The first portion comes over cloudy in the 
presence of water as a result of the distillation of an azeotrope containing 
water. On cooling, water separates. 


Detection of hydrogen peroxide. — ( 1 ) Reduction of Mn 04 -, 
causing its decoloration. Other reductants give the same reaction. 

( 2 ) Reaction with titanium salts. — Ti(IV) salts give in sulphuric 
acid (1*5N) an orange coloration due to the formation of a complex with 
Og^- (see p. 177). 

Interfering ions. Those which complex Ti(IV) strongly, such as F"" (see 
Ti(IV), p. 176). ^ 

(3) Redox indicators. — ^The detection of hydrogen peroxide can be 
effected by means of redox indicators, in the absence of other oxidants. 
Starch iodide turns blue. Some organic dyes change colours. 


Ozone. O 3 

A gas with a characteristic odour. Solubility 0*02M. 

Redox 

O 3 t + 2H+ -f- 2c O 2 t H- HjO Eo(calc.) 2«0 volts 
The potential in solution saturated with oxygen containing 10 per cent 
ozone at atmospheric pressure is 1*7 volts at pH 0. 

But, in general, the reaction from left to right is slow, and the reverse 
reaction is very slow. 

In addition, ozone slowly oxidizes water: 

2 O 3 t + 4H+ -}- 2 O 2 t 4- 2 H 2 O 

2 H 2 O - 4€— > O 2 f + 4H+ 

203t-^302t 

doing so more rapidly in alkaline solution. 

It reacts with redox indicators: starch iodide is initially coloured blue 
(the same happens with Clg, HgOg, NOg). With benzidine a brown com- 
pound is obtained. Ozone oxidizes the leuco-base of fluorescein, regenerat- 
ing the original dye. Fluorescein itself is gradually destroyed. Organic 
dyes like indigo are decolorized. Lead sulphide is oxidized to sulphate. 

Inversely, powerful oxidants oxidize water, giving ozonized oxygen: 
Ag 2 +, F 2 , etc. 



CHAPTER XII 


IONS AND COMPOUNDS DERIVED 
FROM SULPHUR 

S = 32-06 

THE principal states of oxidation and the corresponding calculated 
potentials, in so far as they are known, are given below (Latimer). 

According to these values, a considerable number of compounds 
should vanish by disproportionation between _pH 0 and pH 14. Thus 
HgSOg, HS204~, S406^“,HS203“, scarcely exist at pH 0. 
is also present in aqueous solution in false equilibrium and should oxidize 
water. If equilibria were achieved, only HS04“, S ^ , and HgS should be 
present in aqueous solution at pH 0. 

HSO4- + 7H+ + 6e^ S I + 4H2O . . .0-55 volt 

and S I + 2H+ + 2e ^ HgS f . . . . 0-14 „ 

However, the preceding compounds which only disproportionate very 
slowly (HS204~ does so fairly fast) are found in false equilibrium, and also 
other condensed ions such as 8^^“, > etc. 

We shall give the observed formal potentials as a function of pH for 
the various systems and the disproportionations which take place at a 
notable speed. We shall restrict ourselves to those systems which are of 
analytic interest. 

S(II-) SULPHIDES 

The state of oxidation 11“ puts sulphur 
into the VI column of the periodic table. Its 
properties, very similar to those of selenium 
and tellurium, also resemble those of oxygen. 
The following equilibria occur: 

HgS ^ HS- + H+ HgSe ^ HSe- + H+ 

pk. = 7*1 pk. = 3-8 

HS“ ^ S2- + H+ HSe- ^ Se2+ + H+ 

pkj = 14-9, 12-4, pki = 11 

11-9, 13*1 


V 

VI 

1 

VII 


0 

1 

p 

! S 

I Se 
i Te 

1 

i 


HgO ^ OH- + H+ 

pkj = 15-7 

OH-^ 02- H- H+ 

pki = 20-8 


State of oxidation ! Ions Redox systems at pH 0 


S(VIII)/S(VII) . Caro’s acid 2SO52- + 4H+ + 2e ^ SgOg^- + 2H2O 

S(VII)/S(VI) . . Persulphate SoOg^- -j- 2H+ -j- 2c ^ 2HSO4- 

S(VI)/S(V) . . . Sulphate 2HSO4- + 2H+ + 2e ^ S^Oe^- + 2H2O 

S(V)/S(IV) . . . Dithionate SgOg^- + 4H+ + 2e ^ 2H2SO3 

S(IV)/S(III) . . Sulphite 2H2SO3 + H+ + 2c ^ HS2O4- + SH^O 

S(in)/S(2-5) . . Hydrosulphite 2HS2O4- + 2H+ -j- 2c 84052- 2H2O 

S(2-5)/S(II) . . Tetrathionate 84052- -f 2H+ + 2c ^ 2HS2O3- 

S(II)/S(0) . . . Thiosulphate HSoOg- + 5H+ + 4c ^ 2S i + SHgO 

S(0)/S(II-) - . Sulphide S | -f 2H+ -f 2c ^ H^S 
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The second dissociation constant of HgS indicates a fairly strong base. 
HgS is a gas whose solubility in water is 0-15 g. -mol /litre. It can be 
driven out of solution by boiling or by bubbling nitrogen, hydrogen, etc., 
through it. It is more soluble in acetone (0-65M). It has a characteristic 
odour and is toxic. 

Solubility of the sulphides. — ^We have seen, page 80, how the 
apparent solubility of the sulphides varies as a function of the pH, 

The differences of solubility of the sulphides are utilized in the 
classical methods of analysis, to separate the elements into different 
groups (p. 84). The alkali and alkaline earth sulphides and those of the 
aluminium group are soluble, those of the zinc group are soluble at pH 1 , 
and of low solubility at pH 9. The sulphides of the arsenic and the 
mercury group are of low solubihty at pH 1 . Those of the arsenic group, 
AS 2 S 3 , AS 2 S 5 , SbaSa, Sb^Ss, SnSg, GeSg, ¥ 385 , M 0 S 3 , WS 3 , are soluble in 
an excess of sulphide as a result of the formation of sulphide complexes. 
j^otes. — (1) We have seen (p. 80) that the precipitation of sulphides is 
a little analogous to that of the hydroxides. It is frequently accom- 
panied by complicated phenomena, formation of condensed ions; the 
colloidal form and later development of the precipitate is often 


considerable. 

The phenomena can be formally represented by simple ions, to 
which solubility products can be ascribed. 

( 2 ) Basic sulphides can be formed, and also sulphochlorides, etc., 
before the sulphide itself comes down: this happens with Hg^+, Ph^+, 
etc. The formation of colloids can impede the filtration of the sul- 
phides. The values indicated can be modified by changes of tempera- 
ture and addition or presence of salts. 

The solubility of sulphides varies with the size and the perfection 
of the particles, sometimes within wide limits. We have indicated, 
every time that it is possible, the two limiting values. 

Precipitation can be retarded by the formation of chloride, sul- 
phate, etc., complexes. 

Complexes.— The sulphides of arsenic, tin, antimony, germanium, 
vanadium, molybdenum, tungsten, give with coniplex anions which 
are destroyed in acid or even in weakly alkaline solution. 

The most stable complexes are those of Ge(IV), destroyed only in very 
acid solution, then those of W(VI) and Mo(VI). Some are not very stable, 
like HgSj^-. ^ 


Eo (calc.) volts 


Redox systems at pH 14 


Eo (calc.) volts 


4 - 2-05 
-f 0-20 

4 - 0*20 
0-23 
^2 
rwOl 
4 - 0-50 
4 - 014 


2SO52- 4- 2H2O 4- 

+ 2e 

2 SO, 2 - + 2 HjO + 2e 

- + 2HjO + 2e 

- + 2H2O + 2e 
+ 2e 

i- + 3H2O + 4e 
S I + 2e 


2 SO 3 ' 

25204 ' 

S 2 O 3 


= S 3 O 32 - 4- 40H- 

i 2SO42- 

i SjOs^- + 40H- 
5 2SO32- 

i 5,042- + 4H2O 
i 51032 - + 40H- 
i 25 * 032 - 
i 25 I + 60H- 
i52- 


+ 205 
+ 0-20 

- 0-33 

- 0-40 
+ 202 
+ 0-1 
+ 0-50 

- 0-31 
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Solubility products of sulphides 



MnS pink . 

. . 15-2; 14*9 

Sn8 . 

28*1 

MnS green . 

. . 22-0 

1^0283 

88 

FeS . . . . 

. . 18*4-21*6 

HgaS 

30-45 

Tl^S .... 

. . 22*3-23*9 

Cu8 . 

44*1 

NiS . . . . 

. . 20*5-27*7 

AgaS 

48*8; 51*2 

Co8 . . . . 

. . 22*2-26*7 

CuaS 

49-6 

ZnS .... 

. . 22*9-25*2 

HgS . 

53*5 

CdS . . . . 

. . 27*2-28*4 

PtS . 

. . . . -- 70 

PbS .... 

. . 27*4-29 

BigSg 

71*8 


SbgS 

ASgS 


^ + 2H2O + 2H+^ 2SbO+ + 3H2S 
' + 2HoO + 2H+ ^ 2AsO+ + SHgS 

HgSg^-- Hg2+ + 2S2.-. 

AgHS ^ AgS- + H+ . 
AffHS 4 - H+ ^ Aff+ + H.S 


'3 

3 -J/ 


30 

22-7 

54-7 

5-3 

9-25 


Notes , — In 9N-HC1 at 100°, HoS only precipitates As(III) and As(V). 

In 9N-H2SO4 at 100 °,“As(III), Hg(II), Cu(II), Ag(I), Sb(III), 
Sb(V), Bi(III) precipitate. 

In 3N-HC1 at 100°, all those just mentioned come down except 
Bi(III). 

In 0-3N-HC1 at 100°, all those mentioned underH2S04, and Sn(IV), 
Sn(II), Pb(II) and Cd(II) precipitate. 


Redox 

S2- - 2e^S I Eo = - 0-51 

(the reaction from right to left is slow). 

At pH 0, HgS is very little ionized, and E'q = 0*14 volt (see 
fig. 82). Towards pH 12, S can disproportionate at a considerable 

rate since then the sulphides 
can be directly oxidized to 
oxygenated sulphur com- 
pounds. 

The solutions can be oxi- 
dized in the air. At pH <11 
(ammonium sulphide solution 
for example), orange poly- 
sulphides containing the ions 
8,^2- ai.0 formed, we then 
get oxygenated sulphur com- 
pounds. In more alkaline 
solution (sodium sulphide 
solutions, for example) there 
is direct oxidation to oxy- 
genated sulphur compounds, and the solutions ^remain colourless. 

The sulphides of low solubility are the less easily oxidized, the less 
soluble they are (see p. 99). In acid solution, iodine oxidizes them 
quantitatively to sulphur; the same is true of ferricyanides at pH 9. 
Powerful oxidants, MnO^-, CI2, Brg, CIO", BrO- convert them to 



I 5 5 7 9 II 13 15 pH 


FIG. 82. ^APPROXIMATE FORMAL OXIDA- 

TION POTENTIALS FOR 8(11“). SOLID 
LINES INDICATE CALCULATED VALUES 
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Detection 

(1 ) Coloured sulphides— Addition of Ag+ gives a black precipitate 
of AgjS whose solubility in 4N-HNO3 is low. If the precipitate is boiled in 
this acid it is gradually oxidized to sulphate. 

Other coloured sulphides can also be precipitated (PbCO, test paper, 
etc.). 

Interfering substances. — ^AsHj and PHj do not precipitate Cd^t-, Zn 2 +, 
Pb 2 +, etc., but precipitate Ag+. slowly precipitates Ag^S in 

the cold. 

(2) Liberation of hydrogen sulphide.—HgS is liberated in acid 
solution. It can be detected by its odour or by its effect on a test paper. 

Interfering substances. — Oxidants which do not react in alkaline solution, 
like the chlorates, can do so when the solution is made acid, and they 
then oxidize HgS. 

( 3 ) Oxidation of natural sulphides. — Natural sulphides, little 
attacked sometimes by cone. HCl, can be oxidized by hot cone. HNO3 
which gives SO42- and sometimes sulphur. 

( 4 ) Alloys.— When alloys are attacked by an acid, HgS mixed with 
AsHg and PH 3 is liberated and is retained by zinc or cadmium acetate. 
CdS or ZnS alone precipitate. 

Detection of traces. — Nitroprusside. — The ferrinitrocyanide or 
nitroprusside ion gives with S®-, in alkaline solution, a violet coloration 
due to [Fe{CN)5(NO)S]4- 

Solution required. — 1 per cent sodium nitroprusside. 

Concentration limit . — 6.10“^ g.-ion of S^- per litre (20 p.p.m.). 
Interfering substances. — Hardly any of the ions which can exist in the 
presence of sulphides interfere. SOg^^ gives a slight pink coloration 
(see p. 286 ). 


POLYSULPHIDES 


They have the general formula S^2-^ ^ having all values from 2 to 5 ; 
they are a more or less deep orange. 

When acid is added, they are destroyed with precipitation of sulphur: 
Sg^- +H+^S| +HS- 

They are destroyed also by formation of low-solubility compounds: 

Sg2- + Zn 2 +-S j + ZnS ; 

They are usually formed by dissolution of sulphur in the sulphides. 

282™ - 2^^822- _ 0-56 volt 


8822- _ 26^2832- - 0-53 „ 

4S32- - 2 e# 8842- - 0*48 „ 

5S42- - 2 e^ 4 Ss 2 - - 0 - 4 I „ 

S 52 -- 2 e^ 5 S - 0*43 „ 


(g. vaxensi) 


85 2- can be obtained by oxidizing HS“ in not too alkaline solution 
(fig. 82 ) which itself can be oxidized to oxygenated sulphur compound. 
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SULPHUR 

Detection. — (1) Heated on a piece of silver, it gives the black 
sulphide. Other sulphur compounds give the same reaction. 

(2) Heating in alkaline solutions gives a sulphide whose presence can 
easily be detected (see above). 

Disproportionation of sulphur takes place in very alkaline and hot 
solutions at a considerable rate; it partially stops at SgOg^-: 

4S I + 60H-^ 2S2- + S2O32- -f 3H2O 

The sulphides formed can react with an excess of sulphur to give 
polysulphides 

Sulphides can be destroyed beforehand, if they are present, by boiling 
in acid solution. The solution and precipitate are then made alkaline 
with 4N-NaOH and then brought to the boil for a few minutes, in the 
presence of the solid under examination. 

S(II+) THIOSULPHATES 

Sulphur is in the 11+ state of oxydation in sulphoxylic acid H2SO2, 
pkg = 1*9; jpki = 7*0. This is not very stable and is a strong reductant. 

The condensed anion 8203^“ or thiosulphate corresponds to HSOg". 

Thiosulphuric acid is nearly as strong as sulphuric acid. It is thus 
stronger than sulphurous. Both the acid and the anion are colourless. 

The silver salts blacken slowly in the cold and rapidly in the hot due 
to the formation of sulphide. This process is more rapid in acid solutions. 
The solubility of the barium salt is fairly low in water, O-OlM; it is more 
soluble in strong acid. The strontium salt is soluble, 0-9M, difference from 
sulphite. The solubility of the lead salt is low. 

Complexes. — Thiosulphates give numerous complexes with Fe(III), 
Cr(III), Ag(I), Bi(III), Hg(II), Cu(II), Pb(II), Sb(III), As(III), etc. 

In hot acid they are destroyed with precipitation of sulphur. 

Equilibrium constants 

HaSsOs^ HS2O3- + H+ 0*3; 1*7 

^ "f” H+ 2*0; 2*5; 1*3 

Ag(S203)35-;?:^ Ag(S203)2®~ + jpkg = — 0*5 to + 0*4; 

pkg = 0-0*4; pkj = 13 

Cd(S203)4®-^Cd(S203)3^- -{- S2O32-; pk, ^1*1; 

pkg -f pkg + pki = 6*3 

FeSgOa ^ FeS+ + 2*7 

BaSgOg I ^ Ba2+ + 4*0 

M2*(S203)3 I ^ 2M3+ + 3S2O32- 8*6-11*3 

* M = Rare earth metal. 

Redox. — (1) The thiosulphate ion is a reductant: 

282032- — 2e ^ 8406^“ (tetrathionate ion) E = 0*1 volt (calculated) 

Electron exchange is in general very slow in the neighbourhood of this 
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potential. An oxidation potential can be defined above which 
reacts at a considerable speed in the majority of cases. 

E = 0-21 - 0-06 log I S2O3 12 - volt 

(fig. 83 ). 



FIG. 83 . OXIDATION POTENTIALS OF S2O32- AND 

REDOX POTENTIALS OF S2O32-/S4O62- 

S4O62- can practically not be reduced because H+ is reduced more 
rapidly. 

Oxidants such as iodine and ferric ions give tetrathionate quantita- 
tively in neutral or weak acid solutions. Powerful oxidants give sulphate. 

( 2 ) Thiosulphates can be reduced. — In acid solution reduction 
takes place at the same time as disproportionation. Thus, with stannous 
chloride, tin sulphide and 82042- are obtained; with cuprous chloride, 
sulphur and cupric sulphide; with Mo(III) S, S2-, 8406®“ are obtained. 
With very powerful reductants (A 1 for example), HgS is finally obtained. 

Disproportionations. — S2O32- is in false equilibrium, it should dis- 
proportionate. In practice the following disproportionations are observed. 

(1) HS2O3- + SO2 t -f H2O + S 

The equilibrium is displaced to the right in fairly acid solution, 
because of the formation and escape of sulphur dioxide. 

In alkaline solutions on the other hand S2O32- is obtained. 

( 2 ) S2O32- + SO42- + S 2 - + 2 H+ 

The disproportionation goes to the right with considerable speed only 
where very low solubility sulphides are formed (HgS, Ag2S, etc.). 

The overall redox systems are: 

S2O32- 4- 6H+ + 2 S ^ + SHgO 
2S2O32- + 4 H+ + 2 e^ S2O42- + 2 S I + 2H2O 
S2O32- + 6H+ -h 82^- 4 - 3H2O 
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Detection. — Among the preceding properties the following can be 
utilized: 

(1) Silver salt. — Add an excess of a silver salt to destroy the com- 
plex. precipitates. It goes yellow, and then black, slowly in the 

cold and rapidly on heating as a result of the formation of silver sulphide. 

In the presence of cyanide only AggS remains precipitated 
(Odekerken). 

Solution required, — 10 per cent silver nitrate. 

Procedure. — To 0*5 ml of the solution add 1-2 ml of silver nitrate. Boil. 

Decant the solution. Add concentrated cyanide. 

Concentration limit. — 10"^ g. -ion/litre of (10 p.p.m.). 

Interfering substances. — 8^“, 8^^- also give iVgaS. They should be separ- 
ated beforehand with cadmium acetate. 

(2) Action of acids. — Liberation of sulphur dioxide which can be 
detected as indicated on page 286, and sulphur is precipitated. 
Interfering substances. — 82- 8^2-^ SO32- (see p. 289). Numerous oxidants 

in acid solution. 

8(III) HYDR08ULPHITES 

Hydrosulphurous acid, H282O4 (also sometimes called hypo- 
sulphurous acid), is strong in its first dissociation; for the other dis- 
sociation, pkj = 2*45. It is of low stability, as is S2O42-, in aqueous 
solution. Disproportionation occurs. 

Redox 

HS2O4- + 2H2O ^ 2H2SO3 + H+ + 2c Eq = - 0-23 volt (calc.) 
Formal potential -f 0*07 volt at pH 0. 

S2O42- + 40H" ^ 2SO32- + 2H2O -h 2e . . - 1-13 volts 

8ulphites can be reduced to hydrosulphites, but as the latter are of low 
stability, they disproportionate: 

2S2O42- + S| H- 38O32- + 2H+ 

382O42- + 3H2O ^ 82- -f 5SO32- + 6H+ (see p. 286) 

The hydrosulphites are obtained by reducing the bisulphites with Zn. 
Very strong reductants, they react with Ag and Cu salts yielding the 
metal. They reduce many redox indicators: indigo, methylene blue, 
oxidized ferrous dimethylglyoxime in ammonia. 

S(IV) SULPHITES 

84+ is not known because it is too acid. SCI4 and SOClg are destroyed 
by water with formation of H2SO3. 

SO2 dissolves in water to the extent of 1-5M per litre and still more in 
alcohol. It is driven out of these solutions by boiling or by passing a 
current of gas through them. 

The stability of H2SO3 is low: 

HsSOs^SOat -I-H2O 

Its apparent acidity constants are: pkg = 1-8, pk^ = 5-3-7-1. The 
acid and the anions are colourless. 
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The solubility of many sulphites in water is low, but they are soluble 
in acid. AggSOs, white, is soluble in weak acid solution. Barium sulphite, 
of low solubility in water, is soluble in acids; as a result of oxidation, 
BaS04 precipitates, difference from the carbonate. SrSOg is of low 
solubility, difference from the thiosulphate. 

Complexes. — Some complexes, for example those with Ag+, are 
destroyed by boiling, with precipitation of silver, as are those of the 
precious metals. 

Equilibrium constants 

HSOg^ + H+; == 1*8; pk^ = 5-3-7-1 


CaSOg I ^ Ca 2 + -f SOj^- 4-0 

Ag(S03)23-^ Ag+ + 2 SO 32 - 4-3-8-5 

BaSOg I ^ Ba 2 + -f SO 32 - 8*0 

CeS03+^Ce3+ + SOg^- 8-0 


Redox. — (1) Sulphites are reductants. 

2SO32- - 26-^8206^- and SOg^- -j- H^O - 26-^ SO42- -f 2H+ 
An oxidation potential for sulphite ion can be defined approximately, 
beyond which it is oxidized at a reasonable speed in the majority of cases. 

E = 0-33 — 0*3 log I SOg^- I volt (fig. 84 ) 

The normal potential calculated for a reversible system HgSOg/SgOg^- 
and also that of H2SO3/SO42- is 0-20 volt at pH 0. 



Reductant 
in false 
equilibrium 


FIG. 84 . — OXIDATION AND REDOX POTENTIALS OF SULPHITES 


It is difficult to reduce the dithionates or the sulphites. Powerful 
oxidants give sulphate directly. 

Sulphites in solution are oxidized by air. They reduce hydrogen 
peroxide, permanganate, starch iodide, etc. In general 

and 804^“ are formed. With MnOg in acid solution and lOg", only 
can be obtained. The same occurs with Ag+ and with Fe(OH)3. 
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(2) Sulphites can be reduced. 

2H2SO3 -f 2c + H+ ^ HS2O4- + 2H2O (see p. 2S4) E = - 0-23 volt 

(calculated) 

Measured potential + 0*07 volt. At pH 14: — 1*13 volt (calculated). 
S2O42- forms and can disproportionate. 

2S2O42- + S I + SSOgS- + 2H+ 

3S2O42- -f SHaO-^ S2- + 5SO32- + 6H+ 

At pH 6, S2O32- can be obtained. Whence the overall redox systems: 

2SO32” + 4H+ + 26-^83042- + 2H2O 
SO32- + 6H+ + 4e-> S 4, + SHaO 
SO32- + 6H+ + 6e— > S2~ + SHaO 

We then have as products of the reduction, according to the con- 
ditions (pH, low-solubility compounds), S2O42-, S and HS“. The forma- 
tion of low-solubility sulphites will favour the formation of HS~. In 
concentrated HCl, HgaCla, Fe2+, CuCl reduce sulphurous acid to sulphur; 
Sn(II) reduces it to S^-; Ti^^ reduces it to H2S2O4 + S. 

Disproportionation. — In the presence of platinum black as a 
catalyst, SO 32- disproportionates. 

3SO32- + 2H+--> 2SO42- + S I + HaO and 4SO32- 3SO42- + S^- 

This shows very well, as do the calculated potentials (p. 279), that the 
sulphites are in false equilibrium. 

Detection 

(1) Action of acids. — Acids give H2SO3 which decomposes with 
liberation of SOg, which is driven out of solution in the hot. It can be 
detected by its odour or by its reducing properties (decoloration of 
Mn04“‘, of the blue adsorption compounds of iodine, etc.). 

Interfering substances, — Oxidants which are frequently slow in action in 
alkaline can oxidize when the solution becomes acid and so inhibit the 
reaction. Thiosulphates also give sulphur dioxide. 

(2) Reducing properties. — On Mn04- for example. The same sub- 
stances interfere as previously, and also numerous reductants give the 
same reaction. 

(3) Formation of barium sulphate. — Addition of hydrochloric acid 
and heating liberates sulphur dioxide which is trapped in acid barium 
chloride in the presence of hydrogen peroxide. 

Interfering substances. — Under these conditions, carbonic acid does not 
interfere. Sulphides and thiosulphates also give a precipitate of 
barium sulphate. 

Procedure. — The test is carried out by bringing the reagents: hydrogen 
peroxide, barium chloride, dilute hydrochloric acid , on the end of a 
stirring rod above the acidified solution and heating. 

Concentration limit. — 0*5-1 mg of SO 2. 

(4) Nitroprusside. — ^Nitroprusside gives with sulphite a pink 
coloration more distinct in the presence of zinc sulphate. 
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Solutions required . — 1 per cent sodium nitroprusside. 

Saturated zinc sulphate solution. 

Procedure . — To 2 drops of the solution add 2 drops of the zinc sulphate 
solution and then 1 of reagent. 

Concentration limit. — 10“® g.-ion of SOj^- per litre (100 p.p.m.). 
Interfering substances . — Sulphides should be eliminated by adding an 
excess of cadmium acetate and filtering. 

Note . — This reaction is only of interest in the presence of thiosulphate. 

Pyrosulphites and metabisulphites. — On heating, bisulphites lose 
the elements of water and give M2S2O5, pyrosulphites or metabisulphites. 
But the condensed ions re-hydrate themselves rapidly in solution giving 
HSO3-. 


S(VI) SULPHATES 

Sulphuric acid is a strong acid in its first acidity. The second constant 
pki = 1-9 (1-0). The bisulphates, KHS04for example, taken to dryness 
and gently ignited give the pyrosulphates such as which repro- 

duce HS04“' in solution. 

To the unknown cation S®+ correspond SO2CI2, HSO3CI which are 
converted to 804^“ in water. 

There is an azeotropic mixture of sulphuric acid and water containing. 
98*3 per cent of the former and boiling at 338°. 

Low- solubility sulphates. — These are those of the alkaline earths, 
lead sulphate, certain anhydrous sulphates of chromium, ferric iron, as 
well as the basic sulphates of Hg(II), Bi(III), these latter being soluble in 
strong acids. The double sulphates of the alkalis and the ceric earths are 
of low solubility. Benzidine (NH2C6H4C6H4NH2) sulphate has a low 
solubility. The sulphates are slightly more soluble in concentrated acids, 
since pki = 1-9. 

Complexes. — Unstable ones with Zr(IV), Fe(III), Mn(IV), Sn(IV), 
etc. Very unstable ones with other cations. 

Equilibrium constants 


HSO4,- ^ SO42- + H+ . . 

. . 1-9 (1-0) 

AgaSOi 4. ^ 2Ag+ + SO.''- . 

. . 4-2 

CeS04i“+ ^ Ce‘+ + SOi"- . 

. . 3-4 

CaS04 4 ^ Ca2+ + SO^^- . 

. . 4-2 

HgaSOi 4 ^ Hg2®+ + SO^^- . 

. . 6-3 

SrSOi 4 ^ Sr2+ + SO^^- 

. . 6-6 

PbSOi 4 ^ Pb2+ + S04=- . 

. . 7-7 

BaS04 4 ^ Ba2+ + SO42- . 

. . 100 

Ba(HS04)2^Ba2+ + 2HSO4- . 

. . - 0-4 

BaSO* 4 ^ Ra2+ + SO42- . 

. . 10-4 

Cu(S04)3«- ^ Cu2+ + 3SO42- . 

. . - 1-8 to - 

CuS04^ Cu“+ + SO42- . 

. , - 1*0 (I = 


Redox.— (1) A certain number of sulphur compounds are oxidized to 
S04^"; this is the case with for example, which is oxi^zed to 

and 8042-. But these systems are not reversible and cannot 
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be reduced in dilute solutions in the cold. On the other hand, concen- 
trated sulphuric acid can be reduced by 1“ and in the hot by many 
metals: Cu, Ag, etc. 

Metals can sometimes reduce it to the state of HgS. 

(2) Sulphates can be oxidized to persulphate, but only by electrolysis 
(see p. 2S9). 

Detection 

(1) Barium sulphate. — ^Low solubility in strong acids. 

Solution required. — 1 per cent barium chloride. 

Procedure, — ^To 0*5 ml of solution, add 0*5 ml of 4N-HC1. If necessary 
centrifuge after bringing to the boil. To the clear solution add an 
equal volume of reagent. Barium sulphate precipitates, slowly in 
dilute solution. 

Concentration limit . — 10”^ g.-ion of 804^" per litre (10 p.p.m.). 
Interfering substances. — Se 042 - and SiFg^'' give the same reaction. The 
first is reduced by hot concentrated HCl. The second is destroyed by 
boiling with ammonia. Polysulphides which would give a precipitate 
of sulphur should be separated with cadmium acetate, and thio- 
sulphates destroyed in acid solution. 

Note that in very strong HCl, BaClg can precipitate; it redissolves 
• on dilution. 

Coloration by permanganate. — In the presence of potassium per- 
manganate the latter is co-precipitated with barium sulphate and the 
precipitate is coloured pink. The subsequent addition of a reductant, for 
example HgOg or HNOg, decolorizes the solution by reduction of the 
permanganate, and does not decolorize the precipitate. 

Procedure. — Acidify the solution with dilute HCl and heat to drive off 
volatile reductants; add several drops of 1 per cent Mn 04 “, then a 
drop of 5 per cent barium chloride. Then add HgOg drop by drop until 
the red colour of the solution disappears. Observe the pink precipitate. 
Interfering ions. — Substances which reduce permanganate, and in par- 
ticular sulphur compounds. SiPg^"* does not interfere because BaSiFg 
does not become coloured, 

(2) Detection in solids. — (a) Heat a little of the powder in a small 
test-tube with a piece of magnesium ribbon to incandescence. Take up 
with a little water and detect the sulphide formed, for example, by the 
blackening of silver. 

Fuse with alkali, take up with water and filter. Detect S 04 ^~ in the 
solution. 

In both these cases, numerous sulphur compounds interfere. 

S(VII) PERSULPHATES 

Persulphuric acid, HaSgOg, is a strong acid in both its dissociations. 
The solubility of potassium persulphate is low. Barium persulphate 
which is soluble gives the low-solubiKty sulphate on boiling. Silver per- 
sulphate appears to be soluble but the solution goes brown by formation 
of AgO. 
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SgOg^- + 2SO42- E = 2-05 volts 

In the majority of oxidations by persulphate electron exchange is 
slow. In general it oxidizes compounds whose potential is below ^ I-l 
volts, at a reasonable rate. However, Ag+ is exceptional and is oxidized 
rapidly to Ag(II) (1-98 volts). In the presence of silver ions persulphates 
act fairly rapidly in strong acid. In this way Mn(H) can be oxidized to 
Mn(VII) in the hot, Ce(III) to Ce{IV) and Pb^^ to PhOg. Ferrous o-phen- 
anthroline is oxidized in the cold. NH4+ slowly gives Ng and NO 3“. 

In alkaline solution persulphate oxidizes even in the absence of a 
catalyst. In neutral or acetic acid solution benzidine is oxidized to a blue 
compound (difference from compounds of oxygen, analogy with powerful 
oxidants). Solutions containing persulphate ions slowly liberate oxygen. 

THIONATES 

Under the term thionates are classed very varied condensed com- 
pounds whose general formula is where m varies from 2 to 6. The 

corresponding acids are fairly strong. 

The more important thionate ions are: 

(1) Dithionate (S(V) ) is obtained by oxidation of sulphites. 

It is not oxidized by permanganate in alkali, which distinguishes it from 
the other thionates; however, in hot strong acid it disproportionates and 
can then be oxidized. 

HaS^Og + HaO-^ SO2 f + Ufi + HSO4- + H+ 

(2) Tetrathionate 8406^-. This is obtained by oxidation of thio- 

sulphates. It can be reduced with difficulty; for example, with sodium 
amalgam in the hot S 4- SO42- -f SOg^- are obtained; with hydroxyl- 
amine in strong alkali, is obtained. 

QUALITATIVE ANALYSES OF A MIXTURE OF SULPHIDE, 
SULPHITE AND THIOSULPHATE 

(1) Detect the sulphide, then precipitate it by adding excess of cadmium 

acetate. Filter off the CdS. SOg^- and SgOg^- remain in solution. 

(2) Buffer with acetate mixture and heat. Sulphurous acid is weak and 

unstable, sulphur dioxide comes off. Thiosulphuric acid is unstable 
but strong and, at pH 4*5, it remains mainly as the ions SgOg^-. 
Then add 9N-H2SO4, thiosulphuric acid is destroyed with liberation 
of sulphur dioxide and precipitation of sulphur. 

(3) Sulphite and thiosulphate can also be separated by adding strontium 

chloride. Strontium sulphite precipitates, the thiosulphate is 
soluble. Heat and wait 2 hours before filtering off the SrSOg. 

(4) Sulphite and thiosulphate can be detected without separating them: 

(a) sulphite by nitroprusside in the presence of zinc sulphate; 

(b) thiosulphate by silver nitrate. 

(5) SgOg^- and S^- can also be separated by adding an excess of mercuric 

"chloride. Wait a few minutes. Acidify. Detect the SO 2 which is 
liberated and which indicates the presence of sulphites. 



CHAPTER XIII 

SELENIUM AND TELLURIUM 

Se 79-0; Te = 127-6 


V VI& 

VII 

volts 

N 0 . . 0*26 

P S . . - 0-51 

As Se . . - 0*77 

Sb Te . . - 0*84 1 

Po I 

volts 

F . . . +2-8 

Cl . . . 4-1-4 

Br . . + 1-1 

I . . . 4-0-6 


THESE elements are neighbours of sulphur in virtue of their important 
states of oxidation: II“, IV+, VI 

II“. — ^HgO is a weak acid, pkg == 15-7; pk^ >^21. HgS is less weak, 
pkg = 7*1; pki 15. 

HgSe is still less weak: pka = 3*7; pk^ = 11; 14. 

HgTe, pkg = 2*7; pk^ = 10*8. 

In column VI6 of the periodic classification, the anions S®”, Se^-, 
and Te^- are less and less basic. H2O, HgS, HgSe, HaTe are more and 
more oxidizable. 

The three hydrogen compounds are gaseous and can be oxidized in the 
air. The alkali and alkaline earths are soluble. Polysulphides, poly- 
selenides, and polytellurides are red. The majority of metallic salts are of 
low solubility and analogous to the sulphides. Silver telluride is still less 
soluble than the sulphide. 

Te^^" also occurs with the disproportionation: 

I Te2- I 

Te,- ^ Te I + Te-; = 10-^-^ 

Elements. — The elements exist in many modifications. Selenium 
precipitates red in the cold; it becomes grey in the hot. The different 
species of tellurium are brown to black. There is a disproportionation in 
alkaline solutions as with sulphur. 


IV+. — HgSOg is a weak acid: pka = 1*8; pk^ — 7*1. 

HgSeOs, pka = 2*6; pk^ = 8*3. 

HgTeOs, pka = 2*7; pk^ = 8. 

The solubility of tellurous acid is low. It precipitates in acetate buffer, 
and redissolves very little in strong acid, giving mainly TeOOH+ and also 
Te^+; O-OIM in N-HCl and HCIO4. It is amphoteric and in alkaline solu- 
tions gives tellurites, TeOg^". Basic salts can precipitate: Te02, HNO3. 
There are also complexes such as TeClg^”. 


TeOa I + H 2 O ^ HTe02+ + OH" 
HgTeOa | ^ HTe02+ -f OH- 
3 H 2 O + Te032-- Te^+ + 60H~ . 
Te^+ + 2 H 2 O ^ HTe02+ + 3H+ 
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The majority of the salts are of low solubility but soluble in strong 
acid. PbSeOa, 7*0; BaSeOg, 7*0. 

VI+. — No cations. 

H2SO4, strong in first dissociation, = 1-9. 

H2Se04, first dissociation strong, pk^ = 1*8. 

For H2Te04 it is reported that pka = 7-7, 7*8, and pk^ == 11-2, 10*3. 
However, corresponding to Te(OH)6, HgTeOe", HgTeOg^", TeOg®" are 
known. 

All the sulphates are soluble except those of barium, strontium and 
lead. The same is true of the selenates. BaSe04, 7*0; SrSe04, 5*0; CaSe04, 
0-6; AgCNSe, 15-4. 



0 2 4 6 8 10 12 14 pH 


FIG. 85. — APPROXIMATE FORMAL NORMAL POTENTIALS OF THE 
REDOX SYSTEMS OF SELENIUM AS A FUNCTION OF pH 


Se| +2e^Se“- - 0-77 volt 

2Se 4, + 2e ^ - 0-4 „ 

Te 4. +2e^ Te2- - 0-92 „ 

2Te 4, + 2e^Te2^- -0-84 „ 

HaSeOs + 4H+ + 4e Se 4, + 3H3O .... 0-65 „ 

Se«+ + 4e ^ Se 4, 0-74 „ 

TeOj 4, + 4H+ + 4e Te 4, + 2H2O .... 0-53 „ 

HTe03+ + SH+ + 4e Te 4, + 2H2O .... 0-56 „ 

Te*+ + 4e Te 4^ 0-57 „ 

TeCle^- + 4e^ Te I + 6C1- .... 0-55 „ 

SeOi^- + 4H+ + 2e^=^ HaSeOj + H3O ... 1-1 volts (calc.) 


Te(OH)5 or H2Te03 is of low solubility. In saturated solution in 
9N-H2SO4 E = 0-57 volt; 0-2N-HNO3, E = 0-21 volt; Te/TeOa^-, 
pH 14, E = - 012 volt. 

20 
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Hydrogen sulphide, which produces sulphur slowly on reaction with 
sulphur dioxide, gives a yellow precipitate of selenium and sulphur with 
selenous acid and a brown precipitate in the case of tellurium. These 
precipitates are soluble in alkali sulphides. Hydrazine, hydroxylamine, 
phosphorous and hypophosphorous acids in the cold, and Sn(II), reduce 
both selenous and tellurous acids to red selenium and black tellurium. 
Inversely, nitric acid and hot concentrated sulphuric acid oxidize 
selenium and tellurium. 

SO^^-zsOg^- is not reversible. The same is true for selenium and 
tellurium. Se042~, and Te042~ are difficult to reduce. Sulphuric 

acid cannot be reduced except when hot and concentrated. Selenic and 
telluric are not reduced except in very acid and hot solutions or by very 
powerful reduetants; HCl hot and concentrated, Ti(III). 

Separation and characterization of selenium. — In sufficiently 
acid solution, e.g. 6 N-HC 1 , sulphurous acid and iodides reduce selenous 
acid to red selenium. Black tellurium is precipitated by the same 
reduetants, but only in weak acid. In the hot, 3604^“ is also reduced. 
Similarly, in sufficiently concentrated H2SO4, SO 2 reduces both 
8604^” and HgSeOg in the hot. 

Procedure . — To j ml cone. H2SO4 add | ml of the solution; saturate with 
SO 2. Boil for a minute. A red precipitate or coloration indicates the 
presence of selenium. 

Concentration limit. — 10~^ g.-ion /litre (10 p.p.m.). 



CHAPTER XIV 


IONS AND COMPOUNDS DERIVED FROM NITROGEN 


NITROGEN 
N = 1401 

IN the periodic classification nitrogen comes 
above phosphorus, to which it is similar, and 
between carbon and oxygen. The rules govern- 
ing the strength of acids and bases in the 
classification apply here. 

States of oxidation. — All values from 
III~ to V+. The more important are III~, 
III+, V+. The potentials calculated for the 
redox systems are as follows (Latimer): 


IV 

V 

VI 

c 

N 

0 

Si 

1 P 

s 



pH 0 


pH 14 


N(in’)/N(ii-) 

NH4+— N2H5+ 

volts 

1-22 

! 

NHg— NgH4 

volts 
-h 0-10 

N(II-)/N(I-) . 

N2H5+— NH3OH+ 

1*48 

N0H4— NHgOH 
NHgOH— N, 

+ 0-74 

N(I-)/N( 0 ) 

NHqOH+— Ng t 

- 1*87 

- 3*04 

N( 0 )/N(I+) 

Ng t— HgNgOg 

2-75 

Ng— NgOg 2 -“ 

+ 1-60 

N(i+)/N(n+) . 

HgNgOo— NO t 

0-60 

NoOg^-— NO t 

+ 0-10 

N(ii+)/N(iir+) 

NO t— HNOo 

0-99 

NO t— NOg- 

— 0*46 

N(III+)/N(IV+) 

HNOg-NgO/t 

107\ 

NOg- NO3- 

+ 0*01 

N(IV+)/N(V+) . 

NgO^ t— NOg- 

0*81 J 



According to the values of these potentials no compound between 
NOg^” and NH^^+j except nitrogen, should exist on account of dis- 
proportionations and we should have only the systems: 

2NO3- + 12H+ + lOe^^Na t + eH^O = 1-22 voltsl ^ ^ 

and Na t + 8H+ + 6e 2HN4-I- E„ = 0-28 volt J 

The intermediate compounds, however, all exist, evidently in false 
equilibrium. Nearly all react very slowly; only the potentials of the 
systems NO3-— HNOj and HNO3— NO in acid solutions are of practical 
significance. 

N(III") AMMONIA 

Ammonia is a colourless gas with a characteristic odour, very soluble 
in water. The concentrated solution, having a density 0*9, is 15M. 
Ammonia can be completely driven out of its solutions by boiling or by 
bubbling an inert gas through them. 

NHg can play the part of a base, being stronger than PHg or HgO. 

NHg + H+ ^ NH 4 +; pK = 9-2 

NH 4 OH ^ NHg + HgO 
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Numerous ammine complexes are formed with cations, see the table 
below; the majority are destroyed by acids. The cobaltiammines, more 
stable, are not destroyed. 

NH4+ has been studied with the alkali metals. 

NHg behaves as an acid in the nitrides such as AIN, CagNg which are 
completely destroyed by the hydrogen ions of water. 

N3- + 3H+->NH3 

or CagNa | 3 Ca 2 + + 2NH3 

One acidity of NHg is neutralized in the amides which are destroyed 
by water. 

NHg- + H+-->NH3 

or NaNHg | + H+^-^NKg -h Na+ 

Equilibrium constants 

NH4+ ^ NHg + H+ 9-2 

Mg(NH3)e2+ - Mg(NH3)524- + NH3; pkg = - 1-3; pk^ = - 0-95; 

pk4 = — 0-7; pkg = — 0*4; pkg ^ — 0*15; 
pki = 0*2 (I = 2) 

Cd(NH3)e2+- Cd(NH3)52+ + NH3; pk^ - - 1-7; pk^ = - 0-3; 

pk4 = 0-9; pkg = 1-4; pkg = 2-1; pk^ = 2*6 

Co(NH3)e2+ - Co(NH 3 ) 52 + + NHg; pkg = - 0-6; pkg = 0-2; 

pk4 == 0-8; pkg = 1-0; pkg = 1*6; pk^ = 2*1 
(1=2) 

Ni(NH3)e2+ ^ Ni(NH3)52+ + NHg; pkg = 0-03; pkg = 0*8; 

pk4 = 1*2; pkg = 1-7; pkg = 2-2; pk^ = 2-8 (I = 2 ) 
Cu(NH 3)52 +- Cu(NH 3)42+ 4- NHg; pkg = - 0-5; pk4 = 2-1; 

pkg = 2-9; pkg = 3-5; pk^ = 4-15 
Ag(NH3)2+:F^ AgNHg^ + NHg; pkg = 3-8; pk^ = 3-3 
(I = 1 at 30°) 

Hg(NH3)42+^ Hg(NHg)g2+ 4 - NHg; pk4 = 0-8; pkg = 1-0; 

pkg ^ 8-8; pki ^ 8*8 

Cu(NH 3)2+ ^ CuNHg-t- + NHg; pkg = 4 - 9 ; pk^ = 5-9 
Co(NH3)s3+- Co(NH 3)53+ + NHg; pkg = 4 - 4 ; pkg = 5 - 0 ; pk4 = 5 - 6 ; 

pkg = 6-1; pkg = 6-7; pk^ = 7-3 (I = 2) 

Zn(NH3)42+ ^ Zn(NH3)32+ + NHg; pk4 pkg ^ pkg ^ pk^ ^ 2 

at 30° 

Low-solubility ammonium compounds, see p. i40. 

Redox. — NHg can be irreversibly oxidized by powerful oxidants; the 
halogens and C 10 “ and BrO- oxidize NH4+ and NHg with liberation of 
nitrogen; SgOg^- + Ag+ do the same. 

Inversely, nitrites and nitrates can be irreversibly reduced by power- 
ful reductants to NH4+, or to NH3 by V(II) in acid or by zinc in alkali. 

Ammonium, NH4, which exists as an amalgam under high pressure is 
a very strong reductant: 

NH4 ^ NH4+ E — 1-5 volts at 100 atm. 

Detection of NHg and NH4+. — See page 140. 
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N(II-) HYDRAZINE NHg— NH^ 

This is a base. 

NH 3 +NH 3 + ^ NH 2 NH 3 + -f H+; pk^ = - 0*3 
NH 2 NH 3 + ^ NH 2 NH 2 + H+; pk, = 7-9 

Redox. — All the redox reactions are slow. Hydrazine is a reductant 
and mainly produces nitrogen. 

NH 2 NH 3 + - 4 e-“^N 2 t + 5H+ E = - 0*17 volt; at pH 14 ~ 1*15 volts 

(calculated) 

The formal oxidation potentials are: 0*1 in alkali of pH 8 - 12 ; about 
0*6 volt at pH 0 and — 0*4 volt at pH 14. 

The reducing properties are weak in acid solution. However Au(III), 
Mn 04 ” are reduced, V(V) gives V(IV). In alkali the reaction is more rapid. 
Ag(NH 3 ) 2 +, HgO, 1 2 are reduced. 

N(I-) HYDROXYLAMINE NH^OH 
This is a solid, melting at 33°, and is a base. 

NH 2 + H 2 O ^ NHgOH + H+; pk = 6 
The basicity diminishes as the oxidation number increases from NHg 
through N 2 H 4 to NHgOH. 

Redox. — All the reactions proceed irreversibly. 

Hydroxylamine is a weak oxidant giving hydrazine and ammonia. It 
reduces slowly in acid solutions, more rapidly in alkali, giving nitrogen 
and nitrous and nitric oxides. 

Formal oxidation potential: 0*7 volt at pH 0. 

V(IV) reduces hydroxylamine in neutral solution giving NH 3 , Ng, 
and NO; in alkali it gives NH 3 . Cu^O gives NHg; and so does Fe(OH) 2 . 
V(V) and Fe^+ oxidize it in acid solutions. 

HYDRAZOIC ACID HN 3 

The salts are called azides (they should not be confused with the 
nitrides, p. 294). 

The acid is a liquid boiling at 37°, soluble in water. The solution 
distils at a constant boiling point and fumes in the air. pk = 4*7. 

The azides have properties similar to those of the halides. The salts of 
Cu+, Pb2+, T1+, Ag+, Hg 2 ^'^ are of low solubility. With ferric salts an 
intense red complex FeN 3 ^+ is formed. 

Hydrazoic acid is toxic. The azides are detonable. Those of the heavy 
metals are particularly dangerous. 

FeN32+ ^ Fe3+ + Ng- 4*3 

AgNgl^Ag^ +N 3 - ...... 8*6 

Redox. — Ng- is oxidized in acid solution giving nitrogen. 

2 X 3 “ — 2e— > 3 N 2 t Eo= — 3*2 volts (calculated) 

In practice, Ce^+, Mn 04 - are decolorized in the hot whilst Cr(VI) is not 
reduced. The reaction is slow. However, nitrous acid oxidizes it rapidly. 

HN3 + HNOs^NgO t + Ng t + HgO 
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In certain reactions it can behave as an oxidant. 

HNg + H2S--> S ^ -f NH3 4- N2 t; oxidation of and dis- 
proportionation 

CU2O ^ + 5HN3-> 2 Cu(N 3)2 I 4- NHg + Ng f + HgO; oxidation of 

Cu+ and disproportionation. 
Detection. — The red colour given by Ng- with Fe^+ is used. The 
colour is due to the ion FeN32+. CNS"~ gives the same reaction. Iodides are 
oxidized to iodine. Ferri- and ferroeyanides should be separated by Cd^^. 
F“, €204^-, etc., which complex Fe®+ must be counteracted by an excess 
of reagent. S^“, interfere. 

Concentration limit — 2.10“^ g. -ion/litre (10 p.p.ra.). 

NITROGEN 

The solubility of nitrogen is 

It is practically unoxidizable and irreducible in solution. 

N(I+) HYPONITRITES 

Hyponitrous acid, HgNgOa, is a weak acid, pkg = 7-7; pki = 11-7. 
Rather unstable, it breaks down to NgO -f HgO. 

Nitrous oxide, NgO, is soluble to the extent of 0-025M in water 
Hyponitrites are known: BaH2(N202)2» KgNgOg. 

It is a reductant: 

NgOs^- -f 40H- - 4e^2N02- + 2H2O E = - 0*18 volt (calc.) 
Formal oxidation potential: ^ 0-3 volt at pH 14. 

Permanganate, nitrous acid, and bromine, etc., oxidize it. Ferricyanide 
is in equilibrium with it, 0-60 volt at pH 0. Iodine oxidizes it in alkalis and 
not in acids. It is an oxidant, giving NHgOH, NHgNHg, thus hypo- 
sulphites give N2H4. Stannous chloride reduces it only as far as NHoOH. 

N(III+) NITRITES 

The very strong acid N®+ does not exist. HNOg, yielding a blue solu- 
tion, is not stable; it decomposes by disproportionation into NO and 
NO 3-. NO oxidizes in the air yielding brown NO 3. 

The nitrous anion NO^" is stable; pk — 3*4. 

All nitrites are soluble. Only that of silver, pale yellow, is of fairly low 
solubility. 

NOg" gives complexes, particularly with Co^^* : Co(N02)6^"; 
K2Na[Co(N02)6] is of low solubility. 


Equilibrium constants 

HNOg^NOg- + H+ . 3-4 

Cu(N02)3”^ Cu(N 02)2 + NO 2-; pkg = - 1*0; 

pkg = ~ 1*0; pki = 1*2 

Ag(N02)2“^ AgNOg I + NOg- ~ 0*8 

AgNOgj ^ Ag+ -h NOa-" 3*6 

K 2 Na[Co(N 02 ) 6 ]i ^ 2K+ + Na+ + Co(N 02 ) 6 ^“ 10*7 

(NH 4 ) 2 Na[Co(N 02 )«] j ^ 2 NH 4 + -f- Na+ + Co(N 02 ) 6 ^~ . . 11*8; 14*2 
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N(V+) NITRATES 


Nitric acid, HNOj, is a strong acid. All the nitrates are soluble, except 
certain basic ones of Hg(II), Bi(III) which are soluble in strong acids. 
Unstable complexes with Ce(IV), Ag(II) are known. 


Bi0N04 + 2 H+^ Bi3+ + NO 3 - + H,0 
ZrN 033 + ^ Zr*+ + NO,- . ‘ . 
ThNOaSt ^ Th«+ + NO 3 - . . 

PUNO 33 + ^ Pu«+ + NO 3 - . . 

Redox 


2-6 

0-3 

0-7 (I = 0-5) 
2-9 (I = 2 ) 


( 1 ) NO 3 - -f 3H+ + 2e^ HNO 2 + H 3 O Eo = 0-93 volt 


Formal E in volts ... 

0-93 

1*00 

110 

HNOg 

N 

4N 

12 N 


( 2 ) HNO 3 H+ + NO + H 3 O 
E = 0-98 -f 0-06 log - ^pKO ^ 

pNO indicates the pressure of the nitric oxide in atmospheres. 

In general, system (I) exchanges its electrons slowly in both direc- 
tions; nitrates are only reduced at a reasonable speed in very acid 
solutions. However, with very powerful reductants the reduction can be 
effected in alkaline solutions. 

The nitrites are oxidized slowly in acid solutions, more rapidly in more 
alkaline solutions. 

The system (II) in general only reacts fast from the left to the right in 
acid solutions. 

The reduction of NOg” at pH 0 is always followed by the reduction of 
nitrous acid, since the potentials of the two systems are very near to one 
another. 

In system (I) the nitrites act as reductants. In system (II) they act as 
oxidants. Thus in acid solutions the nitrites reduce permanganate and 
oxidize iodides. In neutral or weak alkaline solution, I 2 oxidizes NOg""- 

Nitric acid is reduced to NO, in particular by numerous metals such as 
Cu, Hg, etc., and 

Disproportionations. — In view of the closeness of the potentials of 
the two systems to one another at pH 0, HNOg is not stable and we have 

SHNOa^ NOg- + 2 NO f + HgO + H+ 

(3) NO 2 - + 8 H+ + NH 4 + + 2 H 2 O 

The reaction is very slow. In alkaline solutions Fe(OH) 2 , Zn, A1 and in 
acid solutions Cr^+ reduce nitrates and nitrites to NHg or NH 4 +. 


Detection of nitrites and nitrates 
( 1 ) Redox indicators, — Diphenylamine (0*75 volt) is oxidized to a 
blue compound. 

Solution required, — 0-5 g of diphenylamine in 100 ml of cone, sulphuric 
acid. 
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Procedure , — One drop of solution in J ml of reagent. 

Numerous oxidants give the same reaction (see p. 269). 

Starch paste can he decolorized by nitrous fumes (0-9 volt). 

(2) Reduction by ferrous salts. — Ferrous salts in acid, even acetic 
acid solution, reduce nitrites to NO. Nitrates are reduced in cone, sul- 
phuric acid. The NO formed combines with ferrous ions to give the deep 
brownish- violet complex, Fe(NO)^ 2 -h^ 

Procedure . — Place J ml of cone, sulphuric acid at the bottom of a small 
test-tube. Add a crystal of ferrous sulphate and heat until dissolved. 
Then cool under the tap and add, a httle at a time, without mixing, 
the solution under examination. A brown ring of Fe(NO)^2+ is pro- 
duced at the surface of separation of the two liquids. 

Concentration limit. — g.-ion of NOg- per litre (60 p.p.m.). 
Interfering substances . — Iodide ions give a brown ring of iodine at the 
surface of contact with the sulphuric acid. A large number of other 
ions can also interfere: Cl“ which gives NOCl; Br“; CNS“ which is 
destroyed; similarly Fe(CN)s^“*, CN~, SOg^-, S^-, interfere. 

Oxidants, Cr 042 “, lOs", ClOg", Mo(VI), W(VI), etc., interfere. 

A large number of these ions are ehminated by prior treatment 
with silver sulphate in neutral solution, followed by centrifuging. 
Chlorates should be reduced by sulphide dioxide before this separation. 

Detection of nitrites. — (1) Reducing power. — In acid solution 
permanganate, in particular, is decolorized. 

Interfering substances . — Numerous reducing ions give the same reaction. 
Oxidizing ions, which can co-exist with nitrites in neutral or alkaline 
solutions, can react when the solution is made acid. 

(2) Oxidizing power. — Iodides are oxidized in acid solutions. 
Numerous oxidants give the same reaction. 

(3) Action of acids. — ^Liberation of nitrous fumes. Very powerful 
oxidants and numerous reductants interfere. 

(4) Griess reagent. — ^Nitrous acid reacts with a mixture of sul- 
phanilic acid and a-naphthylamine giving a red azo dye. 



Solution required . — Dissolve OT g of a-naphthylamine in 75 ml of water 
and 30 ml of pure acetic acid. Prepare also a solution of 0-5 g sul- 
phanilic acid in 70 ml of water and 30 ml of acetic acid. Mix the two 
solutions. 

Procedure . — To 2 drops of reagent add 1 drop of the solution initially 
diluted about twenty-fold. 

Concentration limit. — 10~^ g.-ion of NOg" per htre (0*5 p.p.m.). 

Interfering substances . — ^The reaction is specific. However, powerful 
oxidants in acid solution interfere. Certain ions interfere in virtue of 
their own colour; Fe®"^ can be complexed with tartrate ions. 0 OIM 
Cr(VI) gives a pink to violet coloration. 
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Notes . — The reaction ean be used for detecting traces of nitrate after they 
have been reduced to nitrites. 

Large quantities of reductants, e.g. interfere in 

the reduction. They should be oxidized beforehand. 

Procedure . — To 1 ml of solution, free from nitrite, add 9 H-H 2 SO 4 until 
just acid and then 1 ml of 20 vol. hydrogen peroxide. Heat. Decant 
the solution and make the test with the Griess reagent in the presence 
of a little zinc powder. 

Detection of nitrates in presence of nitrite. — The detection of 
nitrites is easy. The detection of nitrates in the presence of nitrites 
requires the destruction of the latter. Nitrites can be destroyed: 

( 1 ) By HNq . — ^Nitrogen is liberated. To the neutral or weakly alkaline 
solution a 10 per cent NaNg in excess is added followed by acetic acid; in 
this way disproportionation in strong acid, which gives NOs", is avoided. 
Boil. (HNg is toxic.) 

(2) By sulphamic acid NH^SO^H. 

NO 3 - can then be detected by one of the methods described. 

JSfote . — Nitrites nearly always contain traces of nitrates. 



CHAPTER XV 


IONS AND COMPOUNDS DERIVED FROM 
PHOSPHORUS 

P = 320 

PHOSPHORUS is located in column V of the periodic classification 
below nitrogen and above arsenic. It resembles both these 
elements. In arsenic the cation As®+ still exists; but the corre- 
sponding cations of phosphorus and nitrogen do not, since they 
are too acid. The anions increase in stability in going from 
arsenic through phosphorus to nitrogen. Those corresponding 
to the oxidation state V+ are very stable. 

States of oxidation. — III”" in PH3, II” in P2H4, 1 + in H3PO2, 
111 + in H 3 PO 3 , IV+ in and V+ in H 3 PO 4 . 

PHOSPHORUS 

It exists in several modifications, the most active of which is white 
phosphorus. In hot alkali, phosphorus disproportionates giving numerous 
compounds, among which are spontaneously inflammable phosphine, and 
the hypophosphites. 

4P ^ + 3 H 2 O -h 30H-— > PH 3 t + BHaPOg” 

' 2 P 4 , + H 2 O + 20H“— ^ PHg t -f HPO 32 ” 

Oxidants attack phosphorus, which is a very strong reductant. For 
example, it is oxidized by iodine 

p 4 + I + 30H--> 31- + H 3 PO 3 

PHOSPHINE 

PHg, hydrogen phosphide or phosphine, is a gas. Its place in the 
periodic classification suggests its properties 
in relation to those of its neighbours. It is a 
weaker base than NHg. Phosphonium iodide 
PH4I is known in the solid state. It is destroyed 
in solution. In the phosphides P®” behaves as 
a powerful base which reacts with water to 

give PH3: 

CaaPg 4, + 6H+^2PH3 t + 3 Ca 2 + 

Black AggP is of low solubility. 

PH 4 + ^ PHg t + H+ 0 

P(I) HYPOPHOSPHITES 

Hypophosphorous acid H3PO2 is practically monobasic, pk = 1~2. 
The anions are colourless. 

The hypophosphites are in general soluble: those of Pb(II) and of 
Th(IV) and U(IV) are of low solubility. They correspond to M3PO2. 
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Numerous complexes with cations are known. The salts on ignition 
give spontaneously inflammable PH 3 . 

Redox. — The hypophosphorous ion is a powerful reductant but acts 
slowly. 

Ag+, Hg 2 +, As3+, Cu 2 + are reduced to metal in hot acid solution. In 
the presence of catalysts such as Pd(II) it becomes much more energetic. 
Methylene blue and hydrogen ions are then reduced. 


P{in) PHOSPHITES 

In the presence of water PCI 3 is destroyed with formation of phos- 
phorous acid. 

Phosphorous acid H 3 PO 3 has in practice only two basicities of im- 
portance: pkg = 1-5-1 - 8 ; pkg = 6-2-6-6. 

The alkali salts are soluble; the solubility of the others is low but they 
dissolve in strongly acid solution. AggHPOg is white and gradually 
transforms to black silver. BaHPOg is white. On ignition the phosphites 
give spontaneously inflammable phosphine. 

Redox. — Phosphites are reductants. They decolorize permanganate 
slowly. Ag+, Hg2+ are reduced but As®+ and Cu2+ are not (difference from 
the hypophosphites); the action is slow. Iodine is reduced at pH 8-3. 


P(V) PHOSPHATES 

Phosphorus pentachloride PCI5 and oxychloride POCI3 are hydro- 
lysed by water to phosphoric acid. 

PgOg is a white solid; it can give three acids: ortho-, pyro-, and meta- 
phosphoric. The meta- and pyrophosphoric acids are in false equilibrium. 
They hydrolyse slowly, more rapidly in the hot and in acid solutions, 
giving the ortho-acid H 3 PO 4 which is the stable hydroxide. 


Orthophosphoric acid (H3PO4) 

pkg = 2 * 2 ; pkg == 7 - 2 ; pk^ == 12-3. The last acidity is very weak. 
Only the alkali phosphates are soluble; the others are more or less soluble 
in acid solution. 


Precipitation pH’s of some phosphates (0*01M) 


MgNH,P 04 . 

. 8-9 

AIPO 4 . 

Ba, CaHP 04 . 

. 5-5 

FePO^ . 

C 03 (P 04 ), . . 

. 5-3 


Ni,(P 04)2 . . 

. 6-3 

Zr 0 HP 04 

Ag^PO. . . 

. 5 

Pb3(P04)3 

(yellow; sol. in NH 3 and HNO 3 ) 


Zn3(P04)2 . . 

. 4-7 

Hg3P04 

BiP 04 . 


. 3-8 

. 2-3 

(yellowish white) 
. 1-6 

, low sol’ty at 
pH 2 

. low sol’ty in 
dil. HNO3 


Complexes. — Numerous complexes are formed with ions of the 
aluminium group, and also with V(V), Mo(VI), W(VI); yellow ammonium 
phosphomolybdate is the best known. 
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Equilibrium constants 

H3PO, ^ H2PO4- -f H+; pks - 2-l~2-2; = 7-2; 


pki = 12-3 (I = 0) 

Li3P04 I 3Li+ + PO43- 12*5 

Mg3(P04)2 I ^ 3Mg2+ + 2PO43- 12-6 

AIPO4I ^ AP+ + P04^- 6(?) 

CeP04| ^ Ce3+ + PO4S- 18-5 

MgNH4P04 I ^ Mg2+ + NH4+ + PO43- . . . 12*6 

CaHP04 j ^ Ca2+ + HPO4- 5*3-6-6 

Ca3(P04)2 4, ^ 3Ca2+ + 2PO43- 25 

FeHP04^Fe2+ + HPO42- 9-4 

Ag3P04 j ^ 3Ag+ + P04^" 20-8 

PbHP04 I ^ Pb2+ + HPO42- 10-11-4 

Pb3(P04)2 I ^ 3Pb2+ 4- 2PO43- 32-0 

BiP04 I ^ Bi3+ 4- P043~ 20; 19 


Redox. — Phosphate ions cannot be reduced in solution, but only in 
the dry way. 

Detection of phosphate ions. — The yellow ammonium phospho- 
molybdate, of low solubility in nitric acid, is precipitated. Reaction takes 
place in the cold but the presence of F“, Cl“, etc., delays the precipitation 
and in such cases an excess of reagent should be added and the solution 
heated. 

Interfering substances. — As(V) gives in the hot a yellow precipitate of 
ammonium arsenimolybdate; silica gives a yellow coloration. These 
two reactions are inhibited by the addition of tartrate ions which 
complex As(V) and Mo(VI) sufficiently to inhibit the formation of the 
arseni- and silicomolybdate complexes, but not enough to prevent 
the formation of the phosphomolybdate complex which is less soluble. 
Chloride ions interfere. They are eliminated sufficiently by boiling the 
HCl solution with an excess of nitric acid for 1 minute. 

P3rrophosphate ions momentarily inhibit the reaction. Reducing 
ions are oxidized by hot nitric acid. 

Fe(CN)63~ and Fe(CN)5^~ which give precipitates should be 
separated beforehand. 


Solutions required 

(1) Molybdate reagent: 

Ammonium molybdate 50 g 

Ammonium nitrate 75 g 

Water 700 ml 

Then cone. HNO3 300 ml 


(2) Tartaric acid: 15 g in 100 ml of molybdate reagent. 

Procedure . — The majority of the chloride ion content is eliminated by 
boiling 1 drop of solution with 2 drops of cone. HNO3. Add 2 drops 
of reagent. Transfer to a water bath. Wait. A yellow precipitate is 
formed in the presence of phosphoric acid. 
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Concentration limit, — 10~^M-H3PO4 per litre (at the end of 5 minutes) 
(100 p.p.m.). 

Note. — Sn(IV) and Sb(III) precipitate on boiling with nitric acid. HCl 
can then be driven off by heating with sulphuric acid. 


Poly phosphoric acids 

Between pyrophosphoric acid H4P2O7 and metaphosphoric acid 
(HPOg)^ (m = 3 or 6) a large number of condensed ions and molecules 
existt HgPgOjj^j IIgP40235 etc. 

Pyrophosphoric acid (H4P2O7) 
pk^ — 0 - 85 ; pkg = 2 - 0 ; pk^ = 6 - 7 ; = 9-6 

On heating in nitric acid it hydrates, giving orthophosphoric acid. 
Only the alkali pyrophosphates are soluble. Ag4P207, white, is of low 
solubility in acetic acid (difference from the phosphites and also from the 
phosphates). The barium salt is white. The magnesium salt MgaP^O^ is 
soluble in an excess of pyrophosphate ions because complexes are formed. 
Zn2P207 is of low solubility at pH 3*7 (difference from the ortho and 
meta acids). 

Numerous complexes are known, mainly with the elements of the 
aluminium and zinc groups. 

With the molybdate reagent a yellow precipitate is obtained after 
converting to the ortho acid by prolonged heating. 

Equilibrium constants 

CeP 207 -^Ce 3 + -f PaO,^- .... 71 

CUP2O72--CU2+ -f PaO,^- .... 13-2 

Metaphosphoric acids (HPOg)^^^ 

(HP03)4: pk4 = 2 - 6 ; pkg = 6 - 4 ; pk2 = 8*8 and pki = 11 - 4 . 

(HPOg)6: pK = 2 ; pkg = 5 - 6 ; pk4 = 7 - 8 . 

(HP 05)3 would be a strong acid. 

The alkali and magnesium salts are soluble; the others are soluble in 
an excess of metaphosphate ions with formation of complexes. The white 
silver metaphosphate is soluble in ammonia. Zinc metaphosphate 
Zn(P03)2 does not precipitate at pH 7 in presence of ammonium salts 
(difference from pyro- and orthophosphate). 

By heating in dilute acids the pyro and meta acids are hydrolysed. 


P(IV) HYPOPHOSPHORIC ACID H4P2O6 
pk4 - 2 - 2 ; pkg = 2 - 8 ; pkg = 7 * 3 ; pki = 10 
Strong acids convert it in the hot to a mixture of phosphorous and 

phosphoric acids. , , .-.-x ^ 

Many of the hypophosphates are of low solubility. The solubility ot 
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some is low even in concentrated acids. The sodium salt is of low solu- 
bility and Ag4P206 is of low solubility in nitric acid. BaaPaOg is of low 
solubility in acetic acid. ThPgOg and TiPgOg are of low solubility in 
concentrated acid. 

It is a reductant, weaker than phosphorous acid. It decolorizes 
permanganate and bromine. 



CHAPTER XVI 


CARBON COMPOUNDS 

C == 1201 

CARBON is to be found in the fourth column of the periodic table. In 
the IV+ oxidation state it should be very acid and in the IV~ state it 
should be basic; the corresponding compounds CCI4 and CH4 have a very 
low solubility in water. Carbon can exist in other states of oxidation, in 
particular in II+. 

Redox. — In solution the important system is: 

C(IV) + 2 e^ C(II) 

Electron exchange is in general slow in solution from right to left. 
The reduction of C(IV) to C(II) is extremely slow. It can only be 
achieved, and then at an extremely slow rate, in the presence of catalysts 
and light. In practice the reduction of H2CO3, CO 2, COg^" to CO, HCOgH, 
HCOg- or CgO^^" cannot be achieved in solution. 

C(II+) CARBON MONOXIDE, CO 
A gas of low solubility (0*001M), colourless and odourless. Very toxic. 
Redox 

C(II) - C(IV) or CO 4- H^O - CO2 + 2H+ 

CO is a reductant but acts extremely slowly. Certain substances plan 
the role of catalysts and reaction becomes possible: I(V), Ag+, finely 
divided Pt and Pd. 

Detection, — (1) Iodine pentoxide. — A mixture of iodine pentoxide 
and fuming sulphuric acid is adsorbed on a finely divided inert support. 
Under these conditions CO is oxidized in the cold: 

I2O5 I + SCO t 5CO2 t + I2 I 
A green coloration is observed. 

Interfering gases . — Other reductant gases can be adsorbed beforehand on 
active carbon which allows only CO to pass. Apparatus for achieving 
this has been described. 

(2) Palladous chloride is reduced by carbon monoxide to palladium; 
a yellow coloration changing to brown and black. It is generally used in 
the form of test papers impregnated with the reagent. 

Interfering gases. — Hydrocarbons, Hg and HgS. 

(3) Silver reagent. — The complex Ag(NH3)3+ gives a black precipi- 
tate of silver. 

Interfering gases. — H2, CH^ do not interfere, but C2H4, C2H2 do so. 

(4) Mermeix reagent. — The catalytic power of Ag-*- ions in the 
oxidation of CO can be used in the presence of Mn04~ which is decolorized. 

305 



306 Qualitative Inorganic Analysis 


Solutions required 

(a) Potassium permanganate ... 1 g 

Water 950 ml 

Nitric acid 50 ml 

(b) Silver nitrate 3 g 

Water 100 ml 


Mix just before use 1 ml of (a) and 20 ml of (5). Then add 1 ml of 

HNO3 and 50 ml of water. 

One part of CO in 1000 parts of air can be detected. 

Interfering gases. — Substances which reduce Mn04“ interfere. 

(5) Blood method. — Diluted blood mixed with a solution of tannin 
gives a grey suspension. If the blood has absorbed carbon monoxide the 
suspension remains bright red. 

(6) Toximeter. — This is an apparatus consisting of an alcohol 
thermometer whose reservoir is covered with some spongy platinum. 
Oxidation of CO in the air in contact with the platinum causes a liberation 
of heat which is recorded by an expansion of the alcohol in the ther- 
mometer. 

Interfering gases. — The other reductant gases, hydrogen, hydrocarbons, 

etc., give the same result. The apparatus is sensitive to changes of 

temperature. 

C(II+) FORMATES 

Formic acid, HCOOH, boils at 110°. It is miscible in water, and has 
a sharp odour. pK =3-7. 

Barium formate is soluble. Silver formate is of low solubihty and in 
the hot is reduced to silver. The same thing happens with mercuric 
formate. On heating, formates carbonize sMghtly. In the main they yield 
carbon monoxide. Cone, sulphuric acid also gives CO by dehydration. 
With ferric salts there is a red coloration, destroyed in the hot. When 
treated with sulphuric acid and alcohol an ester with a fruity odour is 
produced. 

Redox 

HCO2H — 2e — > CO2 + 2H+ E = — 0T4 volt (calculated) 
HCO2- + 30H- - 2e CO32- + 2H2O E = - 0-95 „ 

The system acts as a reductant very slowly, but becomes active in 
the presence of catalysts. Thus in the presence of finely divided Pd, 
E = 0-02 volt in N-H2SO4, - 0-4 volt in N-HCOONa and - 0*7 volt 
in N-KOH. Formate ion reduces mercuric salts in the hot to mercurous 
salts and sometimes to mercury. The permanganate ion is reduced slowly. 

ACETATES 

Acetic acid, CH3COOH, melts at + 17° and boils at 118°. Miscible 
with water. Sharp odour. pK =4-8. 

Silver acetate is fairly soluble, 0-16 g.-mol/litre. The other acetates, 
except that of mercurous mercury, are soluble. Low- solubility basic 
acetates are known, e.g. that of Hg2+. 
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Numerous complexes.— With a red complex which is 

destroyed in the hot with precipitation of the hydroxide. 

Detection. — (1) On heating, acetates carbonize slightly and give off 
combustible products, acetone among them. 

(2) Ester. — With alcohol in the presence of sulphuric acid ethyl 
acetate with a fruity odour is formed. 

Procedure, — Take 1 ml of solution and make it alkaline with caustic soda. 
Evaporate to dryness. Redissolve with a ml of cone. H2SO4. Drive 
off HCN, SO 2, etc. Add OT ml of alcohol and heat on a water bath. 
Concentration limit . — 1 mg of CH3COOH per litre. 

(3) Cacodyl oxide. — Solid acetates heated with arsenious oxide give 
cacodyl oxide having a characteristic odour. 

Procedure . — Add 1 mg of AsoOg to several milligrams of solid and heat 
gently. 

AS2O3 + 4CH3COOK -> (CH3)2AsOAs(CH3)2 + 2CO2 + 2K2CO3 
Interfering substances. — Tartrates should be precipitated with calcium or 
barium hydroxides and separated. S®-, CNS“ should be precipitated by 
Hg(II). ClOg"”, NOg”, NO 2“ should be reduced by a little zinc powder 
in HCl; boil and neutralize. 

Concentration limit. — OT mg of acetate per litre. 

The homologues of acetic acid: propionic, butyric, etc., have acidity 
constants which decrease as the molecules become heavier. The 
chlorinated derivatives are stronger acids: C1CH.>C02H; pK = 2*7; 
CI2CHCO2H; pK = 1*3. 

OXALATES 

Oxalic acid, HgCgO^ . 2H2O, is crystalline and dibasic: pkg = 1-2; 
pki ™ 4T. 

The oxalates are decomposed by heat into carbon monoxide and 
carbonates. Hot cone, sulphuric acid gives CO and COg. 

The alkali oxalates are soluble; the others, excepting those of the rare 
earths, are soluble in acids. 

Numerous complexes with Sn(IV), Mo(VI), V(IV), W(VI), Fe(III), 
Al(III), Cr(III), etc. 

Equilibrium constants 

HaCgO^ ^ HC2O4- + H+ 1‘2 

C2O42- + H+ 4T 

A1 (Cj 04-)2- + pk, = 3-3; 

pkj + 2)ki = 13-0 

Ag^C^O, ^ ^ 2Ag+ + n-0 

BaC,04 I ^ Ba2+ + 0^0*2- 6 8 

CcKCaOJa®- 5^ CdCjOi + CaOi"-; pka ~ 1-8; = 3-5; 

pki + jpk^ = 5-7 

CdCaO^ I ^ Cd2+ + C2O.2- 7-8 

CaCaO. I ^ Ca2+ + 8-6 

Ce(C20i)s“-^ Ce(C20i)j- + 0^0 .2-; 2,k3 = 0-8; pk^ = 4-0; pk^ = 6-3 

21 
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062(^2^4)3 'I' ' 

CUC2O4 I 
Fe(C204)3^- 
FeCaO^ I 
Fe(C20,)33- 

K[In(C204)2] ^ 

^^2(^2^4)3 '1^ 

Mg(C20J2^- 

MgC20^ I 
Mn(Co04)34- 

MnC204 I 
HgaCsO^ I 


^ Co2+ + 2C2O42- 
^ Cu2+ + C2O42- . 

^ Fe2+ + 3C2O42- 
^ Fe2+ + C2O42- . 

^ Fe(C204)2- + Cfi, 
pka = 6-8; = 

i In 3 + + 2C2O42- 

^ K+ + 111(0204)2- 
^ 2La3+ + 3O2O42- 
^ Mg2+ + 2C0O42- 
^ Mg2+ + O2642- . 

^ Mn2+ -f 3O2O42- 
^ Mn2+ + O0O42- . 

^ Hg22+ + C2O42- 


6-7 
7 5 

6*2; 10-0 
6-7 

■; pks = 4-0; 

9-4 (I = 0) 

8-6 
4-4 
27.7 
4-4 
4-8 
2*4 
4-4 
13-0 


Nd(C204)3^- 

^^2(0304)3 
Ni(C204)3^- 
NiC204 I 

Pb02O4 ^ 

^^2(0304)3 
81x12(0204)3 ,l, 
862(0204)3 ^ 

Sr02O4 j 
^2(0204)2^- 

b2(C204)3 ^ 

Yb(C204)3^- 

^2(0204)3 I 
^^(0304)3^ 

z;n0204 ^ 


Nd(C204)2- + C2O42-; pkg < 

- 1*9; 

pkg = 4*6; pkj = 7*3 


2Nd3+ + 30,042- .... 

28*2 

Ni2+ + 20204"- .... 

6*5 

Ni24- 4- O0O42- 

7*0 

Pb2+ + O2O42- 

10*5 

2Pr3+ 4. 3O2O42- .... 

27*3 

2Sm3+ + 3C2O42- .... 

28*5 

2Sc3+ + 3O0O42- .... 

14*5 

Sr2+ + 0,O>- 

7*2 

UO2O2O4 4- O2O42-; pk2 - - 

1*1; pk 

2Yb3+ + 3O2O42- .... 

24*3 

^b(C204)2— 4- O2O42— ; pk3 

- 1*9; 

pkg == 4*6; pki = 7*3 


2Y3+ 4 3O2O42- .... 

26*3 

Zn2+ 4- 3O2O42- .... 

9 

Zn2+ 4 0,042- 

8*8 


Redox 

(1) H2C2O4 — 2e — ^2C02 + Eo — — 0-49 volt (calculated) 

Slow reaction. It scarcely occurs except with oxidants whose potential 
is above 1*25 volts at pH 0 and in the hot. Mn04~ is reduced in hot acid. 
The calculated normal potential is much more reducing, — 0*49 volt, and 
in the presence of catalysts such as finely divided platinum, more ener- 
getic reductions are realized. 

(2) Oxalic acid can be reduced by electrolysis. 

Detection. — (l) Zirconium — alizarin. — This reagent is decolorized 
by oxalates as by F“ (see p. 257). If the reaction is negative it can be 
concluded that oxalates are absent. 

(2) Characterization. — The following two properties can be utilized; 
collectively they are specific for oxalates: (a) calcium oxalate has a low 
solubility in acetic acid; (b) oxalic acid reduces permanganate in hot 
dilute sulphuric acid. 
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Procedure (Delaby and Gautier). — ^To 1 ml of the solution some drops of 
2N-HC1 and an excess of CaClg are added. If precipitation of low- 
solubility chloride is feared, HNOg and Ca(N03)2 may be used. If 
sulphate and chloride ions are present in appreciable quantity they 
come down, and are separated. Make the solution alkaline with 
ammonia. Numerous salts of calcium precipitate and in every case the 
oxalate. Separate the precipitate and take it up again with 9N acetic 
acid. Only calcium oxalate is left behind. To confirm this take a little 
of the precipitate washed with a little 4N-H2SO4 and a drop of dilute 
permanganate, and heat. Decoloration occurs. 


C(IV+) CARBONATES 

Carbon dioxide is soluble in water to. the extent of 0-04 g.-mol/litre. 
It can be driven out of solution by boiling or by passing a current of gas 
through it. 

Carbonic acid HgCOg is a weak and unstable acid; 99 per cent is in the 
state of CO2 in solution, pkg = 6-4; pk^ = 10*2. Since 

| H+|.|HCOr| ^ 

I CO 2 total I 

it can be deduced that 

|H+|.|HC03-| ^ 

I H3CO3 1 

Complexes. — Fairly unstable ones -with Co(III), Be(II), Th(IV), 
U(VI), etc. 

Equilibrium constants 

H2CO3 ^ HCO3- + H+ 

CO 2 + HaO^HCOa- + H+ 

HCO3- ^ CO,®- + H+ 

LijCO, j ^ 2Li+ + CO3®- 

TI2CO3 I ^ 2 T 1 + + CO3®- 
MgCO, I ^ Mg®+ + CO3®- 
NiCO, j ^ Ni®+ + CO3®- 
ZnCO, I ^ Zn®+ + CO,®- 
CaCO, ^ ^ Ca®+ + CO,®- 
CaHC03+ ^ Ca®+ + HCO,- 
BaCO, I ^ Ba®+ + CO,®- 
SrCO, I ^ Sr®+ + CO,®- 
Sr(HC03)2r^ Sr®+ + 2HCO3- 
CuCO, I ^ Cu®+ + CO3®- 
AgaCO, 4, 2 Ag+ + CO3®- 
MnCO, 4, ^ Mn®+ + CO,®- 
FeCO, 4, ^ Fe®+ + CO,®- 
PbCO, I Pb®+ + CO3®- 
CdCO, j ^ Cd®+ + CO3®- 
Hg^CO, I ^ Hg3®+ + CO3®- 
C0CO3 I ^ Co®+ + CO3®- . 


6-4 

10-2 

2 - 4 

3 - 9 
5 0 

6 - 9 

7 - 0 

8 - 3 
- 0-8 

8 - 3 

8 - 8-10 

5-7 

9 - 9 
11-1 
10-1 
10-3 
12-8 
13-6 
16 

. 12-0 
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Detection of carbonate. — ^Treat with a strong acid, boil, and trap 
the gases liberated in baryta. BaCOs precipitates. An excess of carbonic 
acid redissolves the precipitate. (Use the apparatus fig. 92 (p. 326).) 
Natural carbonates are difficult to attack. Heat with a non-volatile dilute 
acid, HCIO 4 or H 2 SO 4 . Grind the solid finely. 

Interfering substances . — Sulphites and thiosulphates should be oxidized 
beforehand with hydrogen peroxide. It is a good idea to test that the 
precipitate obtained does not contain any sulphites by acidifying and 
testing vdth a drop of permanganate. 


CYANIDE DERIVATIVES 
Cyanogen (CN )2 

The oxidation numbers involved are: C(II+) and C(IV+), N(III“). It 
is a colourless toxic gas. Solubility: 0*5 g.-mol of (CN)^ per litre. In pro- 
perties it resembles the halogens. 

In alkali it disproportionates to cyanide and cyanate (C(IV) or 
CN(I”) and CN(I+) ): 

(CN). + CNO- + CN~ + 2 H+ 

C(II+) CYANIDES 

Hydrocyanic acid boils at 20 °. It is miscible with water and soluble 
in alcohol and ether. It has a smell of bitter almonds. It is extremely 
toxic; 50 mg suffice to bring on death rapidly. Colourless. A weak acid 
pK = 9 * 1 . Colourless anions. It is decomposed slowly by water in the 
cold and rapidly in the hot. 

HCN + 2H20-^HC02-* -f NH 4 + 

Below pH 9 HCN is liberated from cyanides and can be driven off and 
trapped in silver nitrate. AgCN precipitates. The cyanides of the alkalis 
and alkaline earths are soluble. Silver cyanide Ag[Ag(CN) 2 ] is of low 
solubility in nitric acid. Hg(CN )2 is soluble but very little ionized. The 
solubility of the majority of cyanides is low; but they are in general 
soluble in an excess of reagent giving complexes which are sometimes 
very stable. The complex cyanides with the elements of column Ib of the 
periodic table are particularly stable: Cu(I), Ag(I), and Au(I). Those 
which are formed with the elements of column Ilb decrease in stabifity in 
going from Hg(II) to Zn(II). Numerous complexes with Fe(II), Fe(III), 
Co(III) and precious metals. Fe(CN) 6 *~ and Fe(CN) 6 ®~ are practically 
un-ionized. They are less stable in acid solution because HCN is a very 
weak acid; in spite of this several of them are particularly stable and exist 
in quite strong acid. The complex cyanides when heated with mercuric 
acetate in solution are destroyed with formation of mercuric cyanide. 
Only Co(CN) 6 ®“ resists this treatment. They are destroyed by cone, 
sulphuric acid in the hot yielding carbon monoxide and ammonium 
sulphate. Mercuric cyanide can be destroyed by HgS with formation of 
mercuric sulphide. 
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Equilibrium constants 

HCN ^ CN- + H+ 91 

Ag(CN)4^-^ Ag(CN)32- + CN-; pk, = 0; pk, = 1; 
pkg + pki = 20-9 

Ag[Ag(CN)2] j ^ Ag+ + Ag(CN)2“ .... 11-4 

Cd(CN)42- - Cd(CN)3“ 4- CN~; pk^ = 3-6; pk^ = 4-6; 
pkg = 5*1; pki = 5*5 

Co(CN) 42-- Co2+ + 4CN~ 19-1 

Cu(CN) 42“^ Cu2+ + 4CN- 27-3 

Cu(CN)32-^ Cu(CN) 2- + CN~; pkg = ll-3(?); pk^ = 4-2; 
CuCN sj,; pk^ — 19-5 

Hg(CN)42“^ Hg2+ + 4CN- 40*5; 41-4; i?k4 

Hg2{CN)2 i ^ Hg22+ + 2CN- .... 39; 39-3 

Ni(CN)42-^Ni2+ + 4CN- 15-3; 22 

Ni[Ni(CN)4] I ^ Ni2+ + .... 8*8 

Au(CN) 2~ ^ Au+ + 2CN- 21 

Pb(CN)42'-# Pb2+ 4- 4CN- 10-3 

Zn{CN)42-^ Zn(CN)3- + CN"; 'pk4 = - 1; + 2*7; 


pk^ 4- pkz 4- pki = 17*9 


--3 


Redox 

2CN- -2e^ (CN)2 Eo - 0*27 volt, 

2HCN - 2e ^ (CN)2 + 2H+ 0*80 volt at pH 0 

The oxidation is in general very slow in acid. Mn04~ only oxidizes CN” 
very slowly; Ce^+ is inactive. In alkali of pH > 13 cyanogen dispro- 
portionates: 

(CN)2^CN” + CNO- 

and the overall system is then 

CN~ 4- HgO -2e^ CNO” + 2H+ 

In general CNO” is only reduced very slowly. 

. In the presence of I”, Br~, Cl“ the cyanides are oxidized to CNI, 
CNBr, and CNCl. Similarly Ig oxidizes CN“ to CNI (rapid). 

: We have Ig 4- 2CN~ - 2e ^ 2 ICN Eq = 0.1 1 volt 

Detection 

(1) Silver salt.— The silver salt has a low solubility in 4N-HNO3 
and is soluble in an excess of HNO3. AgCl, AgBr, AgNg, AgCNS, 
Ag4Fe(CN)6, Ag3Fe(CN)6 behave the same. HCN can be separated by 
slight acidification of the solution with tartaric acid, HCO3- or a 
current of COg. By warming, or bubbling a gas through, HCN is driven 
off and can be trapped in silver nitrate. The reaction then becomes 
specific. 

(2) Cupric sulphides. — A black colloidal solution of cupric sulphide 
is dissolved by cyanide with formation of a cuprocyanide complex which 
is very stable. 

Solutions required, — 0*001N copper sulphate. O-OIM ammonium sulphide. 
Procedure , — To a drop of copper sulphate add a drop of ammonium 
sulphide. The solution becomes black. Add 2 drops of the solution 
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being examined; the reagent is decolorized when cyanide ions are 
present. 

Concentration limit. — 5 . 10 “® of CN“ per litre (100 p.p.m.). The reaction is 
specific. 


C(IV+) CYx^NATES 

Cyanic acid, HCNO, is a weak acid; j)K. == 3*8; stronger than HCN. 
The white, low-solubility AgCNO dissolves in dilute nitric acid (difference 
from the cyanide). Lead cyanate is of low solubility. The cyanate ions are 
gradually destroyed by Avater. 

CNO- + 2 H 2 O ^ CO 32 - NH 4 + 

HCNO ^ CNO- -f H+ . . . .3*8 

AgCNO I ^ CNO- + Ag+ .... 6-6 

Detection of cyanates. — A blue complex is formed with the salts of 
cobalt, analogous to the thiocyanate complex. Make the test in the 
presence of benzyl alcohol. 

Interfering substances . — Cyanides interfere by formation of cobalti- 
cyanides which causes Co 2 + to disappear; eliminate HCN at the start 
by passing CO 2 through. CNS- gives the same reaction. Numerous 
reductants interfere. 


THIOCYANATES 

HCNS is a liquid of low stability. It is effectively a strong acid. The 
colourless ion CNS- has properties similar to those of the halides, as has 
CN- and CNO-. 

All thiocyanates are soluble except those of Ag(I), Hg(I), Hg(II), 
Cu(I), Pb(II), these become soluble in the hot. The barium salt is 
soluble in water. The silver salt, very little soluble, is of low solubility in 
nitric acid. 

Numerous complexes which are frequently coloured: with Fe^+ red, 
with Co 2 + blue, Mo(CNS )5 red, etc. 

The salts and the complexes are frequently soluble in ether, alcohol 
and acetone. They are destroyed by hot cone. HgSO^. 

Equilibrium constants 

HCNS ^ CNS- + H+ 0*85 

Ag(CNS),3-^ Ag(CNS) 32 - + CNS-; pk^ + pkg = 2*4; 

pkg + pki = 8-4; AgCNS pk^ = 12-0; 11*2 

Bi(CNS) 62 - - Bi(CNS)52- + CNS-; pk^ -f pks = 0-8; 


pk^ + pks = 1-2; pkg = 1-1 

Cr(CNS)63-^ Cr(CNS) 52 - + CNS"; pk^ = - 1-6; pk^ = - 0-7; 

pk4 = 0-3; pk3 = 1-0; pkg = 1-7; pk^ = 3-1 

CuCNS j ^ Cu+ -f CNS- 13-4; 15-0 

Fe(CNS) 32 - - Fe(CNS) 4 - + CNS-; pk^ = 0-02; pk^ = 0-8; 

pkg = 1*4; pkg = 1-9; pk^ = 2*3; 2-9 
Hg(CNS)42-- Hg(CNS)3- + CNS-; pk^ == 0-6; pkg = 1-7; 

pkg + pki = 19*7; pk^ + pkj + pka + pk^ = 19-3 
Hg2(CNS)2 I ^ -f 2CNS- 19-5 
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Au(CNS) 63 - - Au(CNS)52- + CNS~; = 0; pk, = 0; 

pk^ + pk^ = 4-8; pk^ + = 13 

Au(CNS) 4- ^ Au3+ + 4CNS-' 36; 37-5 

TICNS I ^ T1+ + CNS~ 3-8 

VOCNS+ ^ V02+ + CNS- 0-9 (I = 2*6) 

VCNS2+^ V3+ -f CNS" . 1-7-2-0 (I = 2*6) 


Redox. — Thiocyanates are reductants in acid solution: 

2CNS" — 2e^ (CNS)2 Eq = 0*77 volt (calculated) 

(CNS) 2 is practically non-existent in aqueous solution because it 
disproportionates: 

3(CNS)2 + 4H20--> 5 CNS- +'8042- + hCN + 7H+ 
giving the overall system 

CNS- + 4H2O SO42- + hCN -f 7H+ 

The formal oxidation potential is given by 

E = 0-57 - 0*058 log | CNS" | volt (fig. 85 a) 

Above pH 7*5 (CNS) 2 is practically non-existent even as an inter- 
mediate compound and: 


0*058 

E = 1*17 -1 log i 


H+l 


volts 


6 ^ I CNS- I 

corresponding to 

CNS" + 4H2O - 6e--> SO42- 4- CN" + 8H+ for pH > 9*1 



FIG. 85a. — FORMAL REDUCTION POTENTIAL OF CNS" 

AS A FUNCTION OF pH 

In alkaline solution the thiocyanates become much more reducing 
(fig. 85a). Reaction is slow from left to right, and does not take place in 
the other direction. Permanganate, cone, nitric acid, iodates, hydrogen 
peroxide are reduced in acid, and iodine in alkaline solution. Fe(III), 
Mo(VI), etc., are reduced to some extent. 

In sufficiently alkaline solution the cyanide formed can be oxidized to 
cyanate, but this oxidation is still slower than that of CNS". We then have 
finally 

CNS" + 5H2O - 8e-> SO42- + CNO" + 10H+ 
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Detection of CNS-.— The red complex FeCNS 2 + jg formed in strong 

acid solution (compare p. 165). 

Solution required, — 10 per cent ferric chloride. 

Procedure. — To a drop of solution made acid with HCl add a drop of ferric 
salt. 

Concentration limit . — 5.10~^ g.-ion of CNS~ per litre (3 p.p.m.). 

Interfering substances, — 1“ is oxidized by Fe(III). Fe(CN) 6 ^~ gives a pre- 
cipitate of Prussian blue. They can be separated with lead nitrate. If 
ions w'hich complex Fe(III) are present (oxalate, fluoride, etc.) an 
excess of reagent must be added. 

Some compounds can reduce Fe(III) in acid solution; add an 
excess of reagent. If S^-, SOg^", SgOg^", CN“, and NOg” are present 
drive them off beforehand in acid solution. Powerful oxidants such as 
BrOg-, NOg” can oxidize CNS- in acid solutions slowly; the coloration 
disappears gradually. 

Ng- gives the same reaction. 

Note, — HCNS can be extracted by ether and the reaction is then specific. 
For this, to a drop of solution, add 15 drops of sodium sulphite in 
saturated solution to reduce the oxidants, then a little ether, acidify 
with HCl to bring the concentration of the latter up to 0*5 N. Shake. 
Separate the ether. Add Fe(III). 

Concentration limit. — 2-3 p.p.m. CNS“. 


FERROCYANIDES 

Hydroferrocyanic acid gives the yellow anions Fe(CN)g^- which are 
practically un-ionized. 

The two first acidities of hydroferrocyanic acid are strong. The two 
others are fairly strong. 

It is an extremely stable complex; it is however destroyed in cone. HCl 
in the hot, giving HCN, and by hot cone. H 2 SO 4 . 

The alkali ferrocyanides are soluble; CaK 2 [Fe(CN) 6 ] and 
MgK 2 [Fe(CN) 6 ] are of low solubility; the barium salt only precipitates in 
concentrated solution. The solubility of the Ce(IV), Th(IV), Zr(IV) salts is 
low even in acids, difference from the corresponding ferricyanides. 

The zinc salt is white, and of low solubility in strong acids. The white 
silver salt has a low solubility in ammonia and nitric acid but is soluble 
in CN~. Numerous ferrocyanides are coloured; with ferric ions, Prussian 
blue is obtained. The uranyl and cupric salts are brown. 

The low-solubility ferrocyanides are rendered soluble by boiling them 
in strong alkali. 

Equilibrium constants 

H2[Fe(CN)6]2-^H[Fe(CN)e]3- + H+ . . . 3 

H[Fe(CN)6]3-i=^[Fe(CN)g]4- -f H+ . . . 3*3-4-3 

Ag 2 [Fe(CN)gNO] 4 , ^ [Fe(CN)gNO] 2 - + 2Ag+ . . 12*1 

Ag 4 [Fe(CN) 6 ] 4 , ^ [Fe(CN)g]4- + 4Ag+ . . . 40-8 

K 2 Zn 8 [Fe(CN) 6]2 j ^ 2K+ + 3Zn2+ + 2Fe(CN)6^- 95 
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Detection 

Formation of Prussian blue in acid solution with Fe(III) 
Solution required . — 10 per cent ferric chloride. 

Procedure. — To a drop of the acidified test solution add a drop of reagent. 

In the presence of ferrocyanide there is an intense blue coloration. 
ConcentratioJi limit. — g.-ion of Fe(CN) 6 ^~' per litre (20 p.p.m.). 
Interfering substances. — Much 1“ interferes, due to formation of iodine. 
Add an excess of reagent and drive off the iodine by heating. 

If reductants are present an excess of reagent must be added and 
under these conditions Fe(CN) 6 ®“ gives a similar reaction with the 
Fe(II) formed. Oxidants can oxidize Fe(CN) 5 ^“ in acid solution. 
Much CNS"* interferes on account of the red coloration it produces. 

Ions which form complexes with Fe(III), such as C 2 O 42 ”, F“, must 
be counteracted by adding an excess of reagent (10 per cent Fe(III) 
solution). 

NOg", S 2 -, S 2 O 32 -, SO 32 - are eliminated by heating in acid 
solution. 

FERRICYANIDES 

The ferricyanide anions, Fe(CN) 6 ®"", are orange, and practically 
un-ionized. They decompose slowly in the light. The acid is strong in all 
three dissociations. The orange silver salt, of low solubility in nitric acid, 
is soluble in ammonia (difference from the ferrocyanide). The soluble salts 
are those of the alkalis, alkaline earths, rare earths, Th(IV) and Fe(III). 
The others are of low solubility, even in acids (including the Cd(II) salt). 
Fe(III) gives a brown coloration. 

With Fe(II) Turnbull’s blue is formed (see p. 167). 

E (volts) 

0*8 


0-6 


0-4 

0-2 

FIG. 86. FORMAL NORMAL POTENTIAL OF THE REDOX SYSTEM 

Fe(CN)6®"/Fe(CN)6^“ as a function of pH 

R.GCiO!X 

Fe(CN)8»- + e¥= Fe(CN)g*- Eg = 0-36 volt 

Formal potentials 

0-41 volt at pH 4-13 (for O-OIM) (fig. 86 ). 

0*7 volt in N-HCl, 0-56 volt in 0 -lN-HCl. 

0-72 volt in N-HCIO 4 or N-H 2 SO 4 . 

0-46 volt in 0 * 0 lN-NaOH; and 0*52 in 5 N-NaOH. 
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Below pH 4 , ferrocyanic acid is re-formed, and the apparent potential 
increases. According to the potential values quoted, the ferricyanides 
should often act as oxidants and the ferrocyanides frequently as 
reductants. 

At pH 0 ferrocyanides are oxidized by permanganate. 

Ferricyanides can often act as oxidants, being more energetic in pro- 
portion as the ferrocyanide ions produced are removed from the sphere of 
action (as insoluble salts). This can be done by adding a zinc salt, since 
zinc ferrocyanide is of low solubility in acid solution. Under these con- 
ditions, the ferricyanides oxidize the iodides quantitatively to iodine 
(p. 99 ). They oxidize S^-, Fe(OH)2. In alkali, the ferricyanide ion 

oxidizes a large number of systems. 

Detection of ferricyanides. — With Fe(II) in acid solution ferri- 
cyanides give a precipitate of Turnbull’s blue. 

Solution required . — Solution of ferrous sulphate (5 per cent) in M-HoSO^. 
Procedure, — To a drop of solution, acidified, add a drop of reagent. A blue 
precipitate or coloration appears. 

Concentration limit. — 10 “^ g.-ion of Fe(CN)6®~ per litre (20 p.p.m.). 
Interfering substances. — Fe(CN)6‘*~ gives a similar reaction with small 
quantities of Fe(III) contained in the reagent. Compounds which 
reduce Fe(CN)6®“ in acid solution: I“, 8303®“, NO2”, or which oxidize 
the reagent: BrOg", lOg^, etc., interfere. All these ions can be separ- 
ated by prior precipitation with lead acetate. 


COBALTICYANIDES Co(CN)6®~ 

The anion is a practically un-ionized complex; the acid H3Co(CN)6 is 
strong in all its dissociations. The soluble cobalticyanides are those of the 
alkalis, alkaline earths, Hg(II), Fe(III); those of low solubility are those 
of Ag(I), Co(II) pink, Ni(II) blue, Cd(II), Zn(II), Cu(II), all soluble in 
NHg, little soluble in HNO3; Fe(II) white, Hg(I) white, low solubility in 
HNO3. 

The cobalticyanides are destroyed by heating with cone. H2SO4. 

Redox 

Co(CN)e^- - Co(CN)e 3 - Eg = - C -83 volt 



CHAPTER XVII 


IONS AND COMPOUNDS DERIVED FROM SILICON 

SILICON 
Si = 28*06 

IN the periodic classification, silicon appears in column IV, between 
carbon and germanium. It has two main oxidation states: IV+ and IV~. 

Si. — It is not attacked by acids, but is attacked by hot caustic soda, 
with liberation of silicon hydride (silane, silico-methane). This is a 
disproportionation. 

2 Si I + 20H- + H 2 O ^ SiOg^- + SiH 4 f 

Si(IV). — Silane, SiH 4 . Numerous silicides. The latter are decomposed 
by caustic soda, with liberation of spontaneously inflammable SiH 4 ; they 
are also decomposed by nitric acid, with formation of silica, SiOg. 


Si(IV+) SILICATES 

The Si^+ cation does not exist, even in very acid solution,* SiCL reacts 
with water producing sihcic acid. The hydroxide Si(OH )4 or H 28103 pre- 
cipitates even in very acid solution, and dissolves in solution of pH 12—13. 

Hydrated silica can remain in colloidal solution right up to pH 0. 
NH 4 +, gelatine, etc., flocculate it. It can be made practically insoluble and 
filterable by evaporating to dryness in strong acid solution. The precipi- 
tate rapidly develops. 

The silicates of Na+ and K+ are soluble. The solutions contain col- 
loidal silica and condensed ions as well- W^ith silver salts, a precipitate of 
silica mixed with silver oxide, AggO, is formed; it is soluble in nitric acid 
and in ammonia. Barium silicate is soluble in acids. 

Reaction with HF. — SiOg reacts with HF in the presence of de- 
hydrating agents such as cone. H 2 SO 4 , yielding gaseous SiF 4 : 

SiOg ^ -1- 4HF-> SiF4 t + 2 H 2 O 

Silicon fluoride reacts with water giving the complex fluosilicate ion 
and silica: 

3SiF4 I + 4 H 2 O 2SiFe2- + Si(OH)4 | + 4H+ 

In aqueous solution and in the presence of an excess of HF, only 
HgSiFg is produced, which can be distilled as an azeotrope with water. 

Insolubilization of silica. — It is difficult to precipitate silica com- 
pletely. Usually, it is taken to dryness on a water bath with an excess of 
HCl, then dried for a further half an hour in an oven at 110°. It is then 
treated with dilute acid and the mixture filtered. The majority of the 
silica remains on the filter. 

The process of rendering silica insoluble can be effected more easily 
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with HgSO^ or HCIO 4 . The mixture can in these cases be heated to the 
much higher boiling point of the acids (i.e. until ‘white fumes’ are seen). 
Gelatine ftacculates silica in the hot in an easily filtered form. 
Complexes. — With Mo(VI) yellow silicomolybdic complexes of low 
stability are formed. The fluosilicate complex SiFg^" and small amounts 
of SiFg" and SiF 4 fairly unstable. Many of the complexes are of low 
solubility; thus sodium aluminosilicate does not dissolve appreciably in 
alkali. 


Equilibrium constants 

HaSiOg 4 , ^ HSiOg- + H+ 9-5 

HSiOg- I ^ SiOgS” + H+ 11*8 

SiFe^- -i- 2H20^ Si02,aq. | + 4H+ + 6 F" . . . 26*7 

SiFg^-^ SiF 4 t + 2F- 7-2 

SiF 4 t + 2 H 2 O ^ Si02 i + 4HF 8 


Detection of silica 

( 1 ) By insolubilization (see above). — The silica is separated, at first 
in the gelatinous condition, then in the form of powder. F“ interferes, since 
it converts the Si to HaSIFg. 

( 2 ) By precipitation with gelatine. — If a solid has to be examined, 
get it into solution first by fusing it with a little of a mixture of 3*4 g of 
fusion mixture (NagCOg -f KgCOg) and 2-3 g of borax, in a platinum 
crucible (see dry decomposition, p. 340). Take up with 6N-HC1. Filter, 
Add cone. HCl and 0*5-1 ml of gelatine solution freshly prepared (1*5-5 
per cent). Warm to 60*^. The silica precipitates. 

Interfering substances, — Zr(IV), Th(IV), Ti(IV) in the presence of H3PO4, 
1*^(Y), 'Ta(V), Mo(VI), are also precipitated by gelatine which floccu- 
lates their hydroxides. They should be separated beforehand by pro- 
longed boiling of the alkaline solution obtained by dissolving the 
fusion. Only Mo(VI) then remains in solution. 

(3) Formation of silicon fluoride. — In a platinum or lead crucible, 
mix well together a little of the powdered solid to be examined with 
potassium fluoride. Wet the mix with cone. H 2 SO 4 . Suspend a drop of 
water on the underside of the crucible lid. The SiF 4 formed reacts with 
water, and the drop of water is seen to be covered with a film of gelatinous 
silica. Wait a few hours or heat for half an hour. 

It is difiieult to demonstrate the presence of silica in some natural 
silicates in this manner. The detection must be made by making a pre- 
liminary alkaline fusion: the alkali silicate thus formed is dissolved. The 
silica can be precipitated by boiling with an excess of ammonium chloride. 

FLUOSILICATE ION 

Fluosilicie acid is a strong acid, and, in concentrated solution, is a 
liquid which fumes in the air. With water it yields an azeotrope. 

The solubility of the potassium and barium salts is low, and is also low 
in acid solution. Silver salts do not give a precipitate. The majority of the 
salts are soluble. 
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Concentrated sulphuric acid liberates silicon fluoride and hydrogen 
fluoride from the fluo silicates. 

SiFe^~ is decomposed above pH 4: 

SiFe^- -f. 40H--— > Si(OH )4 ^ + 6 F- 
for example by NH 3 + NH 4 +; this occurs rapidly in the hot. 

F“~ can he detected by the alizarin-zirconium reagent (p. 25Y) since the 
fluosilicate complex is of fairly low stability. The silicon can be detected 
with the molybdate reagent after addition of an excess of boric acid, 
which masks F-. 



CHAPTER XVIII 


IONS AND COMPOUNDS DERIVED FROM BORON 

BORON 
B = 10*82 

BORON has only one important state of oxidation: III+, but compounds 
in which it is in the III~ state are known. In 
the periodic table it is found in group III, 
above aluminium and between beryllium and 
carbon. The B^+ ion is nearly as acid as the 
Si^+ ion, a point of similarity between the two 
elements. 

Boron fluoride, which is obtained under the 
same conditions as silicon fluoride, is completely 
decomposed by water; a part of the B(III) passes into the state of 
complexes such as BF4“: 

4BF3 t + 3H2O 3BF4- + 3 H+ + B( 0 H )3 

Boric acid H3BO3, a white solid, is fairly soluble in cold water — 
0 * 9 M. It is less soluble in HCl, 0 - 3 M in lON-HCl. Its solubility is larger in 
the hot: 6M at 100®. It is slightly volatile in water vapour. Boric acid is 
very weak even in its strongest dissociation, pK = 9 * 2 . BO 2“ and con- 
densed ions such as B4O72-, B2O5-, etc., exist. 

Low- solubility compounds. — All the borates are of low solubility 
in water, except those of the alkalis; they are all soluble in weak acid. 

Barium borate, of low solubility, is soluble in acids and even in 
ammonium salts. Silver borate AgB02 is obtained mixed with silver oxide 
AggO, and is soluble in NH4+. 

Complexes. — ^BF4“, BF3OH-, etc., are fairly stable. There are 
numerous complexes with Mo(VI), W(VI), V(V), P(V), As(V). In com- 
bination with the polyalcohols such as glycerol, boric acid yields stronger 
acids. With an excess of mannitol, more stable complexes are obtained — 
= 4 . With glycerol, = T'-S. Complexes are formed with all 

hydroxylated organic compounds. 

Equilibrium constants 

H3BO3 H2BO3- -h H+; pk3 = 9 * 2 ; pkg = 12 * 7 ; 
pkj = 13*8 

H2B4O7 ^ HB4O7” -f H+; pkg — 4 ; pk^ 9 


4H3BO3 ^ HB4O7- -h H+ -F 5H2O .... 7*0 

H3BO3 glyc. ^ HgBOgglyc 0 

HBOgglyc. ^ BOgglyc.- -f H+ ...... 6*5 

BF4“ + HoO ^ BF3OH- + HF 2*6 

HBF3OH + H2O ^ HBF2(0H)2 + HF 2*0 
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(1) Flame coloration, — (a) Boric acid or the borates in admixture 
with H2SO4 colours the flame green. BFg (or borates + CaFg + HgSO^) 
at 200° (cold part of the laboratory gas flame) gives a still more sensitive 
green coloration. 

Limit of sensitivity . — About 10~^ mg of boron. 

(6) Minerals are decomposed with pyrosulphate. Sometimes a little 
fluoride is added and the mixture is heated in a platinum wire loop. 
A green flame is obtained. 

(c) Boric ester. — With methyl alcohol, the borates in the presence 
of cone, sulphuric acid yield methyl borate which burns with a green 
flame. 


Procedure . — To a little borate in a small test-tube, add about ^ ml of 
cone. H2SO4 and 1 ml of methyl alcohol. Set fire to the alcohol — ^the 
flame is coloured green. 

Interfering substances . — Salts which colour the flame green, copper, 
thallium, and barium interfere. They should be separated beforehand 
with NagCOg, or use the apparatus shown in fig. 87 
through which a current of air is blown. Ignite the gas at - 
the mouth of the lead-off tube. The reaction is then 
specific. F~ does not interfere. 

Limit of sensitivity. — 0*2 mg of borate. 

Note . — This reaction frequently does not take place with 
minerals which are difficult to attack. These should be 
subjected to alkaline fusion so as to get the borates into 
solution. 


(2) Turmeric paper. — An acid borate solution gives a 
red stain on turmeric paper which becomes pink on drying. 

Then add 0-2N-NaOH; the stain becomes blue to green. 

Concentration limit. — 10""^ g.-mol of H3BO3 per litre (or 
6 p.p.m.). 

Interfering substances . — Oxidants such as HgOg, NO 2”, 

CrO^^-, CIO-, 10 “ as well as I" interfere. F- weakens the intensity 
of the stain. 



( 3 ) Quinalizarin. — This substance in solution in cone. H2SO4 

changes colour from red to blue in the presence of borates. 

Solution required . — OT per cent solution of quinalizarin in cone. 
H2SO4. 

Procedure.— To J ml of reagent, add a drop of the solution under examina- 
tion. 

Interfering substances . — A certain number of cations, such as Fe^+, inter- 
fere, because their sulphates are precipitated in cone. H2SO4. They 
can be separated by boiling with 4 N-NaOH and then filtering. 
Fluorides, which give BF4“, inhibit the reaction. 

Oxidants such as NO3-, CIOs-, Fe(CN)(,2- interfere, and should be 
reduced with hydrazine. Ge(IV) gives the same reaction. 

Concentration limit.— 2 . 10 “= g.-mol of H3BO3 per litre (1 p.p.m.). 
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FLUOBORATE ION 

HBF4 is a fairly strong acid, giving an azeotropic mixture with water. 
It gives the reaction for F"“ with zirconium-alizarin reagent and that 
for B by the formation of methyl borate. 

KBF4 is of fairly low solubility. 

BF4- + H2O ^ BF3OH- + HF . . . .2*6 

HBF3OH + HgO ^ HBFo(OH)o + HF . . . 2 0 
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CHAPTER I 


TECHNIQUE 

THE methods used are as follows: 

(1) MICROCHEMICAL TECHNIQUE.— The operations are car- 
ried out under the microscope by a special technique which uses, in the 
main, capillary tubes. This special technique is useful when only very 
small quantities of material are available. In this way all the usual 
operations can be carried out on quantities of matter of the order of a 
few milhgrammes to a few y (10~® g) in a few X (mm®). 

A description of these methods will be found in the works mentioned 
in the bibliography to this chapter, in particular that of Benedetti-Pichler. 

A more general technique is the identification of ions by the formation 
of characteristic crystals which are examined under the microscope. We 
have seen several examples of this in Part II. For more details consult the 
book by Chamot and Mason. 

(2) SEMI-MICROTECHNIQUE, SPOT TESTS OR DROP 
REACTIONS. — This is the method most widely used nowadays and it is 
the one which we have adopted. 

The reactions are carried out on a very reduced scale, using drops of 
the solution being examined and of the reagents, either on spot plates, or 
in (preferably conical) micro-centrifuge tubes, sometimes in small test- 
tubes, sometimes on paper. 

Spot plates. — These are of porcelain and contain ca\dties large 
enough for several drops of the solutions to be mixed in them. They are 
useful for the observation of colorations or the formation of coloured 
precipitates. Black spot plates are useful for observing white precipitates. 

Pipettes. — A series of pipettes whose tips are drawn down to give 
drops of 0-03 ml are used. The pipettes are closed by a rubber teat at their 
upper ends. 

For reactions observed with a microscope, pipettes capable of giving 
drops of 0-01 ml must be available. 

The pipettes are rinsed successively in water in two beakers. They are 
dried before use in an oven, if necessary. 

Conical micro -centrifuge tubes (see fig. 88).— The majority of 
reactions are effected in conical micro-centrifuge tubes. They are shaped 
to suit the centrifuge available. The conical bottom of the tubes permits 
the observation of small quantities of precipitates, or of colorations in a 
few drops. 

They are dried in an oven if necessary. 

Test-tubes. — Tubes holding 5 ml and having the same diameter as 
the centrifuge tubes are useful. 

Stirring rods. — Stirring rods with drawn-down ends are used. They 
are useful for stirring, especially in the depressions of spot plates. 

They are rinsed in succession in the water in the two beakers already 
referred to. 
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Reagents. — The dissolved reagents are stored in small polythene 
bottles holding 15-30 ml provided with drawn-out tubes which give 
drops of 0 03 ml. 

Solids are dispensed with a spatula (fig. 89). 

Water bath (fig. 90), — It can be made up from a beaker covered with 
a circular piece of aluminium having four holes in it. 

Tubes inserted through the openings in the cover of the water bath are 
fitted with annular rubber rings to prevent them falling through into the 
water. 





FIG. 88. — CONICAL FIG. 89. SPATULA. FIG. 90. — WATER 

MICRO-CENTRIFUGE SCALE BATH. \ SCALE 

TUBE, i SCALE 

Separation and washing of precipitates. — Precipitation is carried 
out in a centrifuge tube. The precipitate is then centrifuged out by means 
of a hand centrifuge or, better, by an electrically driven high-speed 
centrifuge. The supernatant liquid is withdrawn by means of a pipette 
(fig. 91), or if the liquid is to be discarded, it is simply decanted. 

Then add the wash liquid, stir or shake, and centrifuge once again. 



FIG. 91. — SEPARATION OF A FIG. 92. — REACTIONS INVOLVING 

PRECIPITATE. I SCALE GASES. J SCALE 

Reactions on paper. — Reactions are carried out by depositing drops 
of the solution under examination on strong filter paper which has been 
impregnated with the reagent. The adsorbent properties of the paper and 
the rates of diffusion of the ions permit separations to be made on the 
surface of the paper. 

Again, the reagents can be mixed directly on the paper. In addition 
to the advantages of separations which are achieved in this manner, the 



Technique 327 

properties of precipitates can be modified by the fine state of division in 
which they are formed and by the fact that they are adsorbed on paper. 

They can be dried and heated over a flame, caused to react with gases, 
etc. 

Reactions with gases. — If it is desired to detect a gas which is 
liberated from a solution, one of the two forms of apparatus as shown in 
fig. 92 is used. The internal tube in the form (a) is held in place with a 
rubber ring. A drop of the reagent is placed on the lower part of the 
internal tube {a) or on the stirring rod (6). 

Other apparatus. — It is necessary to have a small porcelain or, 
better, silica crucible of 5-ml content. 
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CHAPTER II 


CLASSICAL AND NEW METHODS OF CONDUCTING 
A QUALITATIVE ANALYSIS 

DETECTION OF CATIONS. CLASSICAL METHOD 

IN the classical method, the different elements are separated into groups, 
and then, within each group, each element is isolated by successive separa- 
tions prior to its characterization. The different groups used in the 
classical method are the following: 

( 1 ) Ions whose chlorides are of low solubility in acid. — Ag(I), 
Hg(I), Pb(II), T1(I). 

( 2 ) Hydrogen sulphide group. — Sulphides of low solubility in 
dilute HCl. 

{a) Sulphides soluble in S^“: 

As(III), As(V), Sb(III), Sb(V), Sn(IV) and Ge(IV); 
Mo{VI), W(VI), V(V); 

Se(IV), Te(IV); 

Gold, platinum, and the metals of the platinum group. 

{h) Sulphides whose solubility in alkali is low: 

Hg(II), Cu(II), Pb(II), Cd(II), Bi(III). 

(3) Ammonium sulphide group 

(а) Hydroxides whose solubilitv in NH 3 + NH 4 + is low: 

Be(II); 

Al(III), Fe(III), Cr(III), Tl(III), rare earths (III); 

In(III), Ga(III); 

Ce(IV), Ti(IV), Zr(IV), Th(IV), V(IV); 

Nb(V), Ta(V). 

( б ) Sulphides soluble in acid, but of low solubility in ammonia: 

Fe(II), Mn(II), Zn(II), Ni(II), Co(II). 

(4) Alkaline earths 

Ca(II), Sr(II), Ba(II); 

Mg(II). 

(5) Alkalis 

Li(I), Na(I), K(I), NH,+. 

The greatest disadvantage of this classical method is the 
incompleteness of the separations. 


NEW METHOD 

The method whose use we recommend employs, in principle, a re- 
action which is made specific for each ion, without the need for any prior 
separation. A large number of cations can thus be detected in the initial 
solution. The alkaline earths and the alkalis should be detected after 
separation of the ions of the other groups. 
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The advantages arising from the practically complete suppression of 
separations are the following: 

(1) The quantity of solution required is very small, nearly all the 
detections being made on one drop. 

(2) The quantities of reagents necessary are likewise very small. 

(3) Precipitations are very few and it is rarely necessary to wash the 
precipitate. 

(4) The use of hydrogen sulphide is eliminated. 

(5) The different parts of the analysis are quite independent of one 
another. In cases of doubt, it is a simple matter to repeat any test. 

(6) Finally the analysis is vastly more rapid than by the classical 
method; a complete analysis can be made in the course of 2 hours, and 
with sufficient practice in the course of 1 hour. 

Preparation of the solution for the detection of cations. — The 
reactions involved in the detection of cations (reactions by the classical 
method or by the new method) can sometimes be inhibited by the forma- 
tion of complexes with certain anions such as F~, CN~, €2042“', etc. 
Oxidant or reductant anions can also interfere. Before commencing the 
qualitative analysis of cations, the solution is freed from interfering 
ions (see p. 331) and in this way an HCl solution containing no other 
anions than S04®~, C104~, and H3PO4 and HBOg, which it has not been 
possible to eliminate, is obtained. The detection reactions are therefore to 
be considered as taking place in such a solution. 


OTHER AUXILIARY METHODS OF DETECTION 

A certain number of physical methods is of value in particular cases 
of qualitative analysis: spectrography, electrography, radioactivity, 
polarography. These methods are adapted from quantitative analysis, and 
books on this subject should be consulted about them. (See for instance 
G. Chariot and D. Bezier, Methodes modernes d'analyse quantitative, 
Masson, Paris, 1954.*) 
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CHAPTER III 


ANALYSIS OF A SOLUTION 


I. THE SOLUTION IS NEUTRAL OR ALKALINE 
IT can contain: 

(1) Anions derived from the non-metals: 

F- Cl- Br- I- CIO- BrO-, CIO3- BrOg- IO3-, CIO4- IO4-; 
S2- SO32- S3O32- SO42- S^Os^-; 

NOg- NO3-; 

P04»-; 

C2O42- CO32- CN-, Fe(CN)6^- Fe(CN) 63 -, CNS”; 

SiOs^” SiFfi^-; 

BOg-; 

together with organic ions and compounds. 

(2) Anionic derivatives of the metals^ certain cations and hydroxides^ 
and complexes. 


Detection of anions in a neutral or alkaline solution 

N.B. — A certain number of oxidants and reductant anions can coexist 
in neutral and alkaline solution, because the rate of reaction of the 
majority of oxidants is practically zero under these conditions. When the 
solution is acidified, however, these oxidants and reductants react with 
one another and the composition of the solution is then considerably 
affected. 

Preliminary tests. — It is useful to examine the solubility of the 
silver salts (of the anions) in neutral and 4N~HN03 solution, and likewise 
the solubility of the barium salts in neutral solution if possible, and also 
in 4 N-HCL In this way the presence or absence of certain anions can be 
established. 

(1) Solubility of silver salts 

(a) Silver salts of low solubility in 4 N-HNO^: those of the 
anions: C1-, Br-, I-, yellowish; CN-, IO3-, BrOg-, Fe(CN)6®“, 
orange; Co(CN)g 2 -; CNS-; Ng"; S^- black, oxidized to 804^- 
by boiling with nitric acid; CIO- gives AgCl in acid solution. 

(&) Soluble silver salts: NO3— , CIO3— , CIO4— , SgOg^- decomposes 
slowly, F“, SiFg^-. 

NO 2” and SO42- give fairly soluble silver salts. 

(c) All other anions give silver salts whose solubility in water is low 

but which are soluble in HNO^. Some of these are coloured: the 
phosphate and arsenite are yellow, the dichromate, chromate, 
and arsenate are brick red. 

(d) Silver salts whose solubility in cone. NH^ is low: I“; 8^“; CN-; 

Fe(CN)g^- when present in large quantity. 
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(2) Solubility of the barium salts 

(a) Barium salts whose solubility in dilute HCl is low: SiFg^”, 

8004^^; 10 3” and F"" if present in large quantity. 

(b) Soluble barium salts: NO3-, ClOg- CIO4- SgOg^- (gives BaS04 

in the hot); NO^- HCO^- CNO“, Cl“, CIO" 

C10-, Br- I- CN- Fe(CN)6^- FeCCN)^^- CNS- N3- 

( 3 ) The other anions give barium salts of low solubility in water, but 

soluble in HCL 

Note . — Some anions can form complexes with Ag+ and, as a result, 
precipitation may not occur if there is not a sufficient excess of Ag+. 

Certain anions are destroyed in acid solution. 

Detection of anions. — The anions derived from the non-metals are 
then detected individually, if present, by means of the reactions described 
heretofore. 

Part of the solution is taken to dryness on the water bath, then on the 
sand bath, before looking for borate and chloride. 

A portion of the dry residue is ignited in the flame on a spatula: if 
organic substances are present, carbon and combustible vapours are 
formed. 

Other ions to be detected. Elimination of interfering anions 

The solution is acidifled with HCl and evaporated to dryness on the 
water bath. The object of this is to decompose certain substances which 
are not stable in acid solution: HCIO, HBrO, HgS, HgSOg, KgSgOg, 
H2S2O4, HNOg, H2CO3, HCN. The residue is taken up in a little 

cone. HCl and the evaporation to dryness repeated in order to eliminate 
HF, HI, HBr, HNO3 and HCNS, and to reduce ClOg”, Mn04“ (reddish 
violet), CrgO^^- (orange), H2Se04, and H2Te04 and also to insolubilize 
the silica. 

Notes . — In the course of this operation, volatile chlorides may be lost, 
HgClg partially, AsClg and SbClg and SeCl4 completely. These must be 
sought in a separate portion of the material, which is not subjected to the 
acid evaporation treatment. 

If C2042“ or organic substances are found, they should be destroyed 
before going on with the analysis. To do this, the residue should be heated 
on a sand bath, but in this way some oxides are formed which are rendered 
insoluble in acids; volatile compounds are lost, HgClg for example. 

The oxalates and a certain number of organic substances can be 
destroyed by cone. HNO3. Evaporate to dryness on the water bath and 
repeat the operation until nitrous fumes come off. Only after this can the 
operation be repeated with HCIO 4 alone, which is taken to boiling point to 
complete the oxidation and drive off the HNO3. 

If fluorides are present they must be eliminated by heating the residue 
in a platinum crucible with cone, sulphuric acid until white fumes no 
longer come ofl; BaS04, SrS04, PbS04 remain insoluble. The mixture can 
also be heated with perchloric acid, until white fumes appear, an opera- 
tion which should be done in a platinum vessel; in order to avoid explo- 
sions as a result of the reduction of the HCIO 4 in the hot, it is strongly 
recommended to make a preliminary attack with cone. HNOg and then to 
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add the HCIO 4 and to heat on the sand bath. HF is driven off and organic 
substances are destroyed. CIO 4 “ does not interfere in the rest of the 
analysis. 

In all cases the residue is taken up with 2N-HC1, warmed for a few 
minutes and filtered. A residue A (p. 332) and a solution in HCl B 
(p. 332) are finally obtained. 

II. THE SOLUTION IS ACID 

Detection of derivatives of the non-metals. — The following com- 
pounds may be present: C104~, Cl~, Br“, 1“, ClOg", HBrOg, HIO3, 
HS04“, HIO4, NO3- H3PO4, H2C2O4, CNS- HaFeCCN)^^- Fe(CN) 63 - 
SiFg^-^ HBO3 and organic compounds. 

These can be detected as before. However, certain derivatives of the 
metals can interfere and are usually separated by making the solution 
alkaline (phenolphthalein). In this way, a solution similar to that ob- 
tained in the preceding case is obtained but the possible number of 
compounds in it is smaller. 

Detection of metallic derivatives. — The solution is treated as on 
page 331; evaporate to dryness in HCl obtaining the residue A and the 
solution B. Organic substances, oxalates, and fluorides should be 
eliminated. 

Analysis of residue A. — Characterization of the elements whose 
chlorides are of low solubility. The washed precipitate contains the 
chlorides of silver, lead, thallium, and mercurous mercury. It can contain 
WO 3 ; basic salts of antimony and of bismuth which are soluble in 
4N-HC1; silica. 

On diluting with boiling water PbClg, and with more difficulty TlCl, 
pass into solution. In a portion, white Pb(OH )2 or PbS 04 are precipitated, 
the former with ammonia, the latter with an alkali sulphate: from another 
portion, yellow Til is precipitated (see p, 246). 

The residue is taken up with an excess of ammonia. The presence of 
HgaClg is indicated by a blackening of the precipitate. The ammoniacal 
solution contains Ag(NH 3 ) 2 '^ It is acidified sufficiently to 

re-precipitate AgCl and then reduced with stannous chloride to detect 
tungsten after possible separation and addition of much HCl. 

The insoluble residue is taken up by cone. HCl in order to redissolve 
the basic salts of bismuth and antimony. Silica remains. A drop of solu- 
tion placed on a piece of tin foil indicates the presence of Bi(III) or 
Sb(III) by a black stain. If the test is positive the presence of Sb(III) is 
confirmed with rhodamine B (p. 223) and Bi(III) by means of stannite 
(p. 217). 

Analysis of the HCl solution B. — It can contain, apart from the 
majority of cations, C 104 ~, HBOg, H 3 PO 4 (we shall suppose for 

simplicity that stable ionic complexes such as Ag(CN) 2 “, Co(CN)^3-, are 
absent). 
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DETECTION OF CATIONS IN A SOLUTION 

Cations are detected by the methods described in the course of this 
book. About OT g of the substance in 10 ml of the solution should be 
available. The solution is neutralized to commencement of precipitation 
(HCl < 2-5N). It is important to observe these two conditions. 

Detection of powerful reductants. — ^The reaction with methylene 
blue is carried out (see p. 232). If this is reduced, before carrying out the 
test the whole of the solution should be oxidized with a little bromine 
water of which the excess should be driven off by heating. Fe, Sn, As, Sb, 
V, Re, Mo, W, U are converted to a higher state of oxidation. NH^^ can 
be oxidized. 

Preliminary tests . — These rapid tests make it possible to establish in 
certain cases the absence of groups of ions as a result of which the analysis 
can be considerably simplified. 

(1) Precipitation by ammonia, then by sodium sulphide 

Reagents 

Ammonia, 6N(1/1). Saturated sodium sulphide. 

Procedure. — (a) Add a drop of ammonia to a drop of solution in a micro- 
cone. A certain number of hydroxides, and sometimes of phosphates 
and arsenates, can piecipitate. These precipitations are of low sensi- 
tivity (O-OIM to O-OOIM). Absence of a precipitate indicates the 
absence of more than the indicated quantities of the following ions 
(units: g. -ions /litre). 

Be(II) white ( 10 - 2 ); Hg(II) white ( 2 . 10 - 5 ); Al(III) white ( 3 . 10 - 2 ); 
Ti(IV) white ( 10 - 2 ); Zr(IV) white ( 5 . 10 - 5 ); Th(IV) white ( 5 . 10 - 5 ); 
Ce(III) white ( 5 . 10 “ 5 ) turns yellow in the air; rare earths (III); 
Sb(III) white ( 5 . 10 - 5 ); Bi(III) white ( 5 , 10 - 5 ); Cr(III) green to violet 
( 4 . 10 - 2 ); U(VI) yeUow ( 10 - 2 ); Fe(III) rust ( 5 . 10 - 5 ); Mn(II) brown 
precipitate, formed slowly (2.10-2); Sn(IV) white (10-^); Tl(III) rust. 
Cu(II) and Ni(II) give a blue solution, ( 5 . 10 “ 5 ) for Cu(II) and ( 10 “^) 
for Ni(II); centrifuge. 

(5) Add a drop of sulphide. Certain sulphides are formed. 

Those that are black give sensitive colorations. 

Black sulphides: Hg(II) dissolves in the reagent; Bi(III) 5.10-^; 
Fe(III) and Fe(II) 10-5; Cu(II) 10-5; Ni(II) and Co(II) 5.10-^; 
Pb(II) 5.10-^; Tl(III) 10-^ 

U(VI) brown; Zn(II) white; Cd(II) yellow; Ga(III) white; Mn(II) 
pink; In(III) yeUow, 10-2-10-5. . 

The precious metals, Se(IV), and Te(IV) give coloured precipitates. 
Certain hydroxides remain: Ti(IV), Zr(IV), Th(IV), rare earths, 
Cr(III). 

(2) Precipitation by cupferron. — In HCl of about 1-5N a certain 
number of ions precipitate. 

Reagents 

6 per cent aqueous cupferron, freshly prepared. 4N-HC1. 
Procedure . — In a microcone add a drop of acid to a drop of solution and 
then a drop of reagent. Wait 30 seconds. 
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Sensitivity and selectivity , — ^The following precipitate, if present in quanti- 
ties larger than those indicated. Sn(IV) Zr(IV) 10“*^, * Fe(III) 

2.10-^* V(V) 3.10-^• Mo(VI) 3.10-4; Ga(III) 5.10“4; Ti(IV) 5.10-4; 
Bi(III) 5.10-4; W(VI) 5.10-3. 

In the absence of a precipitate these ions are present at concentra- 
tions lower than indicated above. 

(3) Precipitation by a- benzoin oxime (see p. 240). 

(4) Precipitation by ammonium sulphate (see p. 150). 

Test on the HCl solution B. — Detect the following ions in the order 


indicated: 

NH4+ By Nessler reagent — page 140 

Fe3+ (and Fe^^) .... By o-phenanthroline — page 167 

V(IV), V(V), Ti(IV) . . . By hydrogen peroxide — ^pages 177, 236 

Mn3+ and Ce3+ By oxidation with persulphate in acid 

— ^page 192 

Hg(II) With Cu foil — ^page 220 

Bi(III) With stannite — page 217 

Zn(II), Co(II), Cu(II) . . . With mercurithiocyanate — pages 200, 

202, 

Fe3+, Co 3+ By thiocyanate — page 165 

Mo(VI) By stannous chloride and thiocyanate 

— ^page 240 

W(VI) ....... By stannous chloride — page 240 

H3PO4 By molybdate reagent — page 302 

As(III) and As(V) .... By molybdate reagent and reduction 

to AsHg — page 224 

Fe3+ By dimethylgly oxime — page 166 

Ni3+ By dimethylglyoxime — page 196 

CrS-f and Ce^T" By oxidation in alkali — page 171 

Zr(IV) By azoarsinic derivative — page 179 

Be3+ • . By morin — page 160 

Rare earths and Th(IV) . . By oxalic acid — page 173 

AI(III) By aluminon — page 156; or, in the 

presence of Be^^, by chrome blue — 
page 158 

Ga3+ By chrome blue — page 185 

Sb(III) and Sb(V) .... By rhodamine B — page 228 

Sn(IV) By iodine, iodide, and starch — 

page 230 

Cd3+ As sulphide — page 205 

^02^+ As ferrocyanide — page 183 

As sulphide—- page 215 

By cobaltinitrite after suitable separa- 
tion — page 139 

Na+ As triple acetate after suitable separa- 

tion — page 141 


The alkaline earths and alkalis are detected after separation (see 
p. 190). 
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Reagents required for the detection of cations.— We give here 
a list of the compounds necessary for the analysis of cations. The method 
of preparing the solutions has been indicated for each ion in Part II. 


Caustic soda (ION) 
Ammonia (14N) 

Concentrated acids: 

Acetic (17N) 

Hydrochloric (12N) 

Nitric (14N) 

Perchloric (ION) 

Sulphuric (36N) 
Ammonium sulphide (4N) 

, , chloride 

,, sulphate 

,, oxalate 

,, thiocyanate 

,, molybdate 

,, acetate 

,5 nitrate 

,, phosphate (di-) 

Sodium sulphide 
,, carbonate 
,, fluoride 
,, thiosulphate 
,, bisulphite 
,, persulphate 
,, acetate 
,, pyrophosphate 
,, tartrate 
,, sulphate 
,, eobaltinitrite 
Disodiiim phosphate 
Potassium cyanide 
,, iodide 

„ ferrocyanide 

„ chromate 

,, periodate 

Barium chloride 
Silver nitrate 
Mercuric chloride 
Arsenic acid or arsenate 
Zirconyl chloride 


Ferrous sulphate 
Stannous cliloride 
Copper sulphate 
Zinc chloride 
,, acetate 
Uranyl acetate 
Zinc carbonate 
Lead acetate 
Ferric chloride 
Iodine 
Iron powder 
Copper foil 
Aluminium foil 
Antimony (powder) 

Hydrogen peroxide (100 vols. } 
Universal indicator paper 

Organic reagents 
95 per cent alcohol 
Benzyl alcohol 
Ethyl acetate 
Oxalic acid 
Tartaric acid 
Methylene blue 
Cupferron 

o-phenanthroline (or 2,2-dipyridyl) 
N-phenylanthranilic acid 
a-benzoin oxime 
Dimethylglyoxime 
Diphenylcarbazide 
P“dimethylaminoazophenylarsonic 
acid 
Morin 
Aluminon 

Chrome blue (colour index 202) 
Rhodamine B 

Sodium rhodizonate (or ‘THQ’) 

Cinchonine 

Thiazole yellow 

Starch 


Note. — These reagents should be as pure as possible. 


Reagents for the detection of anions 


General reagents: These are the same 

Special reagents: 

Sulphuric-chromic mixture 
20 g CrOg + 90 ml water -f 60 ml 
cone. H2SO4 
Zirconium nitrate 
Alizarin S 
Starch iodide paper 
Carbon tetrachloride 
Potassium dichromate, ground 
Fluorescein paper 


as for the detection of cations. 


Soluble starch 
Potassium nitrite 
Lead peroxide 
Zinc powder 

Diphenylamine 0*5 per cent in cone. 
H2SO, 

Potassium permanganate solid 

„ ,, solution, O-OIM 

Titanium (IV) 
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Lead carbonate paper 
Sodium nitroprusside 
Hydrogen peroxide (20 vols.) 

Saturated zinc sulphate 
Cadmixim acetate 
Magnesium ribbon 
Ferrous o-phenanthroline 
Acetate buffer 
Strontium chloride, M 
Sodium bisulphite, M 
Ferrous sulphate, solid 
Silver sulphate, saturated 
Griess reagents: 

(A) a-naphthylamine 

(B) Sulphanilic acid dissolved separ- 
ately in SO ml acetic acid 4-70 ml 
water 

Sodium azide 


Molybdate-tartrate reagent 
Baryta water 
Copper sulphate 
Ferric chloride 
Potassium fluoride, solid 
Methyl alcohol 
Quinalizarin 
Silica, pure 
Aniline 
o-toluidine 
Zinc powder 
Silver nitrate 
Cobalt acetate 
Indigo carmine 
Lead acetate 
,, nitrate 
Methylene blue 



CHAPTER IV 


ANALYSIS OF A SOLID 

DETECTION OF ANIONS 
Experiments on the solid 

(a) General tests. — These tests, which are not essential, can give 
indications w'hich are a help in orienting the following tests. 

(1) Action of warm M-sulphuric acid , — ^Liberation of gas, HgS from 
sulphides, HCN from cyanides and certain complexes, NO 2 from nitrites, 
SO 2 from sulphites and thiosulphates, CO 2 from carbonates and cyanates, 
O2 from peroxides, etc. 

Addition of sulphuric acid can cause redox reactions; certain com- 
pounds then disappear and others appear; thus iodine can be obtained 
from iodide + oxidants, etc. 

(2) Action of hot cone, sulphuric acid . — The following can happen: 

(a) Liberation of a colourless gas: HF, HCl, HBr and HI fuming in 
the air. 

(6) Liberation of SiF^ giving HgSiOg with water. 

(c) Liberation of SO 2 from sulphites and thiosulphates or from the 
reduction of H2SO4 by S, C, etc., HCNS. 

(d) Liberation of CO from oxalates, ferrocyanides, cyanates, and 
certain organic salts. 

(e) Liberation of coloured gases: Clg from chloride -f- oxidant; Brg; 
Ig; CrOgClg from chloride + chromate; NOg from nitrites and nitrates. 

(/) Organic substances can carbonize. 

N.B. — ClOg-, CIO 4”, Mn04~ are dangerous when treated with, hot 
cone. H2SO4. 

(b) Special tests. — ^Look for the following compounds in the powder: 


Phosphates Attack with cone. HNO3; molyb- 

date-tartrate reagent (p. S02) 

Borates Methyl borate, p. 321 

Chlorides Chxomyl chloride (p. 263); oxidation, 

liberation of chlorine (p. 262) 

Bromides Oxidation, liberation of bromine 

(p. 268) 

Iodides Oxidation, liberation of iodine 

(p. 264) 

Fluorides and oxalates . . . Attack on glass; alizarin-zirconium 

reagent (p. 257) 

Sulphides By HCl, liberation of H2S (p. 281) 

Fluosilicates Silicon fluoride (p. 318) 

Silicates Add KF; silicon fluoride (p. 318) 

Carbonates . Liberation of COg (p. 310) 

Sulphites and thiosulphates . . Liberation of SO 2 (p. 286) 

Nitrites Liberation of NO 2 (p. 298) 
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Dissolution in water. — Detect the following anions in the aqueous 
solution: Cl", Br", I", CIO3- CIO4- SO^^- NO 3-, NOg- (see p. 337). 

The reaction of the solution to litmus can give indications because the 
salts of weak acids are basic. 

PbClg, PbBra, Pblg, Pb(CNS)2 crystallize on cooUng; TlCl can pre- 
cipitate. 

Dissolution in HCl. — 304^“ coming from PbS04 can be sought. 

Permanganates can interfere by virtue of their colour; reduce them. 

Treatment with sodium carbonate. — The preceding solution or 
the solid can be heated with a solution of M sodium carbonate to the boil 
for 5 minutes. The majority of anions are then in the solution, and nearly 
all the metals in the precipitate. 

The solution can then be used, after neutralization if necessary, for 
the detection of anions, in particular of oxalate. 

A certain number of anions of compounds which are difficult to attack 
are not brought into solution in the tests indicated above. They are found 
after alkaline fusion of the dried residue insoluble in acids (see p. 340), 
SO42-- of BaS04, etc. 


DETECTION OF CATIONS 

Preliminary treatment of a solid. — If the preceding tests have 
shown oxalates, organic compounds or fluorides to be present, treat as 
indicated on page 331 . Same notes. 

Dissolution in water. — ^Take 0*1 g of very fine powder; boil with 
2 ml of water for 5 minutes; centrifuge; decant through a filter and repeat 
the operation so long as something dissolves. 

Note. — Water can decompose a certain number of substances with 
liberation of gases; this applies to certain carbides, phosphides, hydrides, 
sulphides, peroxides, nitrides, etc. 

Dissolution in HCl. — ^Repeat the operation on the residue with 
cone. HCl. (Volatile AsClg may be lost.) If an undissolved residue remains 
take a small portion of the solid and see if attack by HNO3 or by aqua 
regia gives a better result. 

Dissolution with perchloric acid. — The solid can be treated with 
perchloric acid, since the perchlorates are soluble. If silicates are present 
a mixture of HCIO4 + HF in a platinum crucible can be used; silica goes 
off as HgSiFg. If there is danger of explosion by external heating, the 
solid should be subjected to a preliminary attack by cone. HNO3. Then 
add HCIO4 and HF and heat until white fumes of perchloric acid appear. 

Note. — If oxidation by HCIO4 has occurred, low- solubility chlorides 
may precipitate. 

Mix the solutions obtained. The treatment of the undissolved residue 
will be given later on. 

Preliminary treatment of the solution. — If the solution contains 
silicates, the silica must be rendered insoluble. For this add HCl, if not 
already present, and evaporate to dryness on the water bath. 

If the solid has been attacked with nitric acid or aqua regia, get rid 
of the majority of the nitric acid in the same way. The residue is then 
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taken up with 2N-HC1, a solution is obtained and possibly an insoluble 
residue. These operations will eliminate the following interfering ions: 
MnO^”, NO,-, NOg”, etc. However, during evaporation in the presence of 
HCl, HgClJ SnCl 4 , SbClg can be lost and AsClg, Se(IV), Te(IV), AsClg 
can escape when boiling with cone. HCl. These elements should therefore 
be sought in a separate portion. 

If the solution does not contain either silicate or interfering ions it is 
sufficient to add HCl, if not already present, and to separate, if it comes 
down, the precipitate of low-solubility chlorides. 

In both eases the analysis is carried on in the same way. 

Treatment of the insoluble residue. — (A) Characterization of 
the elements whose chlorides are of low solubility (see p. 832). 

(B) Characterization of the elements having soluble chlorides 
(B) (see p. 333). — OT g of powder should be present in about 10 ml. 

RESIDUE NOT ATTACKED BY ACIDS 

It vdll contain the following, if present in the initial material: 
all the BaS 04 , Agl, AgCN, SiOg, silicates, TiOg, ZrOs, Nb^Og, TagOg, WOg, 
SnOgjSbgOg, Sn phosphate, CaFg, PbCr 04 (ignited), SiC, C, S, and part 
of the SrS 04 , CaS 04 , PbS 04 , AgCl, and AgBr. 

^ In addition, if a natural or calcined product is involved all the possible 
metals may be found in the residue as well as a certain number of anions 
(sulphates, carbonates, phosphates, borates, fluorides, cyanides, etc.). 

The complex cyanides can be brought into the solution by hot dilute 
caustic soda. 

Treatment of the residue. — The residue is brought into the solution 
by dry fusion. 

Use of a platinum crucible . — A large number of compounds attack 
platinum: As, Sb, P, S, alkalis and oxidants, etc.; Ag, Pb, Sn, Hg, Au, Bi 
give fusible alloys. 

These elements should be absent when the solid is fused in a platinum 
crucible. A systematic treatment of the residue wdth aqua regia eliminates 
all these elements, with the exception of Ag, Sn (and sometimes Pb). 

The platinum crucible should be heated on a clean refractory triangle 
and never over a luminous flame. The molten mass should not occupy 
more than one-third of the crucible. To clean such a crucible, melt pyro- 
sulphate in it. The sides can be rubbed with a fine powder such as pre- 
cipitated calcium carbonate or sulphate but never with a hard object 
(stirring rod, etc.). 

Before using the platinum crucible it is necessary to burn the sulphur 
and carbon. Lead sulphate should be looked for as well as silver com- 
pounds. (A drop of alkaline sulphide turns them black.) Lead is com- 
pletely dissolved by a hot solution of 4N ammonium acetate and silver 
salts with KCN solution. The treatment should be continued until 
nothing more goes into solution. Detect PbS 04 in one part, Cl"*, Br“, I~, 
Ag+ in the other part of the solution. 

Detection of tin . — Tin should be looked for in the residue. If it has been 
shown to be absent in the initial powder, this operation can be omitted. 
If not, a little of the residue is mixed with 5 or 6 times its volume of KCN. 

23 
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The mixture is placed in a small porcelain crucible, covered, and heated 
on a Meker burner. (N.B. — If oxidizing substances are present there may- 
be an explosion. Be careful of cyanide vapours. Use a fume cupboard.) 
Allow to cool, take up with water and separate the metallic grains 
formed. Dissolve the metal with HNO 3 ; a white precipitate of stannic 
hydroxide will be left. 

Attack by molten alkali carbonates, — The residue, very finely powdered, 
is mixed with 4-6 times its weight of a mixture of equal parts of sodium 
and potassium carbonates (eutectic with lowest melting point). Heat the 
covered crucible to bright redness and stir. When the evolution of CO 2 
ceases, allow to cool on a sheet of clean iron, then dissolve the boiling 
water in a small beaker. Filter, wash with dilute sodium carbonate. Dis- 
solve the insoluble matter with HCl. 

Note, — If a platinum crucible is not available a nickel crucible may be 
used. This is always attacked, with formation of nickel oxide, which will 
be found in the analysis. 

Analysis of residue, — ^Examine the carbonate solution for: F”, SO 42 -, 
CN-, BOg- PO 43 - WO 42 - A 102 ~ CrO^^- (see p. 330). 

Examine the acid solution for the following: alkaline earths, Ti(IV), 
Zr(IV), Fe(III), etc. (see p. 333). 

Other methods of attack. — If the attack with carbonate is not 
successful, the following methods can be tried: 

Fusion with S + Na^CO^. — ^This is the better method of attack for 
Sn 02 . Heat a part of the residue in a porcelain crucible -with 6 parts of 
a mixture of equal weights of sulphur and sodium carbonate. Cover. Heat 
for about 20 minutes with a small flame. 

After cooling take up in water and then filter. The aqueous solution 
contains all the elements giving sulphide anions or complexes which are 
stable in alkali. 

The insoluble contains the oxides and sulphides whose solubility in 
alkali is low. 

Fusion with Nafi^- — Nickel crucible (for chromite, corundum, SnOg, 
SiC, etc.); use 5 times the weight of sodium peroxide. Heat to fusion for 
20 minutes. Dissolve in water; boil to destroy hydrogen peroxide. Filter. 

The solution contains all the elements which give anions stable in 
alkali after oxidation. 

This method of attack is very efficacious. 

N.B. — Goggles are essential. 

Fusion with pyrosulphate. — TiO^, AI 2 O 3 , CrgOa, etc. Heat 

the mixture with 10 times its weight of pyrosulphate, preferably in a 
silica crucible. Heat gently until the melt is completely clear. Take up 
with 9 N-H 2 SO 4 . 

It is sometimes necessary to use H 2 SO 4 + HF in a platinum crucible 
either to drive off silica (and boron) or to dissolve with formation of 
complexes. Then evaporate to dryness and fuse with pyrosulphate in the 
platinum crucible. 

Flame colorations 

In cone. HCl a drop of the solution held in a loop of platinum wire and 
inserted into the flame gives the following colorations: 
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Na 

Yellow. Very sensi- 

Hg^Ck . 

Violet. 


tive reaction. 

Pb . . 

Pale blue. 

Ca . . 

Reddish orange. 

Cu . . 

Blue to green 


Also very sensi- 

As— Sb . 

Bluish white. 


tive. 

Sc . . 

Pale blue. 

Sr 

Bright red. 

T1 . . 

Green. 

Li . . 

Bright red. 

Te . . 

Green. 

K . . 

Pale violet. 

Ba 

Pale green. 

Rb . . 

Violet. 

H 3 BO 3 . 

Green. 

Cs . . 

Blue-violet. 

H 3 PO 4 . 

Green. 

Ga . . 

Violet. 

Mn . . 

Green. 

CN~ . . 

Mauve. 

Ba . . 

Pale green. 


Attack of alloys 

Steels and cast-iron. — These always contain: C, carbides and 
graphite; silicides and silicon; P, S, Mn. They can contain many metals, 
Ni, Cr, W, Mo, V, Co, etc., and can be very difficult to attack. 

( 1 ) Attack with cone. HCl. PH 3 , AsH^, SiH^, H^S are liberated; 

( 2 ) Attack with HNO 3 . 

(3) Attack with aqua regia. 

(4) Special steels are attacked by HCIO4 at its boiling point (attack 
first with HNO 3 ). 

Bronzes and brasses. — 0*1 g of filings or turnings is attacked with 
5 ml of 6 N nitric acid. Concentrate to small volume and take up with 
10 ml of water. The insoluble contains SnOg, SbgOs (and a little Cu, Pb, 
Fe, P, Bi). Treat it with sodium sulphide on the water bath and centri- 
fuge. The insoluble from this treatment will contain Bi 2 S 3 , PbS, CuvS, FeS 
and the solution Sn, Sb, P. 

White metals. — Pb, Sn, Sb. They can be attacked by hot cone, sul- 
phuric acid (PbS 04 dissolves). The solution is diluted and treated with 
NaOH and NagS. Use can also be made of HCl + Br^. 

Light aUoys.— Si, Al, Al-Cu, Mg, etc. They can be brought into 
solution either with HCl or NaOH. 
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DECIIVIAL LOGARITHMS 
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Tliis table gives the logarithms, to base 10, for the numbers from 
1 to 100, and will be found useful for expressing concentrations, etc., in 
logarithmic form. 
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ATOMIC WEIGHTS 


Actinium . 

Ac 

227 

, Molybdenum 

Mo 

96-0 

Aluminium . 

A1 

26-98 

Neodymium . 

Nd 

i 144-3 

Americium 

Am 

243 

Neon .... 

Ne 

20-18 

Antimony 

Sb 

121-8 

Neptunium . 

Np 

237 

Argon 

A 

39-94 

Nickel . . . 

Ni 

58-7 

Arsenic 

As 

74-9 

Niobium . 

Nb 

92-9 

Astatine . 

At 

210 

Nitrogen . 

N 

14-01 

Barium . 

Ba 

137-4 

Osmium . 

Os 

190-2 

Berkelium 

Bk 

245 

I Oxygen . . . 

O 

16-00 

Beryllium 

Be 

9-01 

Palladium 

Pd 

106-7 

Bismuth . 

Bi 

209-0 

Phosphorus . 

P 

30-98 

Boron 

B 

10-82 

Platinum . 

Pt 

195-2 

Bromine . 

Br 

79-9 

Plutonium 

Pu 

239 

Cadmium 

Cd 

112-4 

Polonium 

Po 

210 

Calcium . 

Ca 

40-1 

Potassium 

K 

39-10 

Californium . 

Cf 

246 

Praseodymium . 

Pr 

140-9 

Carbon 

C 

12-01 

Promethium . 

Pm 

147 

Cerium 

Ce 

140-1 

Protactinium 

Pa 

231 

Cesium 

Cs 

132-9 

Radium . 

Ra 

226-0 

Chlorine . 

Cl 

35-46 

Radon 

Rn 

222 

Chromium 

Cr 

52-0 

Rhenium . 

Re 

186-3 

Cobalt 

Co 

58-9 

Rhodium . 

Rh 

102-9 

Copper 

Cu 

63-5 

Rubidium 

Rb 

85-5 

Curium 

Cm 

243 

Ruthenium . 

Ru 

101-7 

Dysprosium . 

Dy 

162-5 

Samarium 

Sm 

150-4 

Erbium ... 

Er 

167-2 

Scandium 

Sc 

44-96 

Europium 

Eu 

152-0 

Selenitim . 

: Se 

79-0 

Fluorine ... I 

F 

19-00 

Silicon 

Si 

28-09 

Francium . . j 

Fa 

223 

Silver .... 

1 Ag 

107-9 

Gadolinium . . i 

Gd 

156-9 

Sodium . 

Na 

23-00 

Gallium ... 

Ga 

69-7 

Strontium 

Sr 

87-6 

Germanium . 

Ge 

72-6 

Sulphur . 

S 

32-07 

Gold .... 

Au 

197-0 

Tantalum 

Ta 

180-9 

Hafnium . . . ; 

Hf 

178-6 

Technetium . 

Tc 

99 

Helium ... 

He 

4-00 

Tellurium 

Te 

127-6 

Holmium . . . | 

Ho 

164-9 

Terbium . 

Tb 

158-9 

Hydrogen 

H 

1-008 

Thallium . 

T1 

204-4 

Indium . . . j 

In 

114-8 j 

Thorium . 

Th 

232-1 

Iodine 

I 

126-9 

Thulium . . . 

Tm 

169*0 

Iridium ... 

Ir 

192-2 

Tin .... 

Sn 

118-7 

Iron .... 

Fe 

55-85 

Titanium . 

Ti 

47-90 

Krypton ... 

Kr 

I 83-8 

Tungsten . 

W 

183-9 

Lanthanium . 

La 

1 138-9 

Uranium . 

u 

238-1 

Lead .... 

Fb 

207-2 

Vanadium 

; V 

50-95 

Lithium ... 

Li 

6-94 

Xenon . . . i 

Xe 

131-3 

Lutecium 

Lu 

1 175-0 

Ytterbium 

Yb 

173-0 

Magnesium . 

Mg 

1 24-32 

Yttrium . 

Y 

88-9 

Manganese 

Un 

j 54-9 

Zinc .... 

’ Zn 

65-4 

Mercury’’ ... 

Hg 

200-6 ! 

1 

Zirconium 

Zr 

91-2 
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Acetate ion concentration, buffer for, 
30, 32; preparation of, 156 
Acetates, 306; complexes, 307; detec- 
tion, 307 

Acid-base equilibrium, displacement 
by complex formation, 50 
Acidity of aqueous solutions, 26; varia- 
tion with redox potential, 56 
Acidity constants, 25, 27; of common 
acid-base pairs (table of), 36 
Acids, definition, 24; hydrolysis, 25; 
neutralization of, 37; pH of solu- 
tions, 28 

x^ctivity, 11 

Activity coefficients, calculation of, 11, 
12; definition of, 11; table of, 12 
x\dsorption, 65; applications of, 71; 

indicators, 117; reagents, 122 
Alizarin reagent, preparation and use, 
179, 257, 308 

Alizarin S reagent, preparation and 
use, 179 

Alkali metals, 138; detection in pres- 
ence of alkaline earths, 150; 
hydroxides, 138; redox potentials 
of, 138 

Alkaline earth group elements, 144; 
detection, 150; detection by clas- 
sical method, 152; detection in 
presence of alkali metals, 150 
Alloys, attack of, 281, 341 
Aluminium, 153, 155; complexes, 155; 
detection, 156; equilibrium con- 
stants of, 156; influence of pH, 
155; oxidation state, 155; redox 
potential, 93, 156 

Aluminon reagent, preparation and use 
of, 156 

Ammines, stability of, 48 
Ammonia, 293; complexes, 48, 294; 
detection, 140; equilibrium con- 
stants, 294; precipitation by, 333; 
redox potential of systems of, 294 
Ammonia group elements, 153; general 
reagents for detection of, 154; 
position in Periodic Table, 153; 
precipitation pH’s of hydroxides, 
154; separation, 155 
Ammonium ion — ^see Ammonia, etc., 
140 

Ammonium molybdate reagent, pre- 
paration and use, 224; mercmri- 
thiocyanate reagent, prepar^ 9 .tion 
and use, 200, 210; molybdate- 
tartrate reagent, preparation and 
use, 302 


Ampholytes, 22, 35; potential of solu- 
tions of, 23; pH of solutions of, 35 
x\nalysis, classical method, 84, 328; 
new method, 328; of a solid, 337; 
of a solution, 330; use of physical 
methods in, 329 

x-\niline, preparation of solution and 
use in analysis, 263 
Antimony, 221^ 225; complexes, 226; 
detection, 228; equilibrium con- 
stants, 226; hydride, 225; influence 
of pH on compounds of, 226; low- 
solubility compounds, 226; oxida- 
tion states, 225; redox potentials 
of systems of, 93, 226, 227 
Antimony powder, use in analysis, 217, 
225, 230 

^Apparent acidity constants, table of, 
37 

Apparent equilibrium constants, defi- 
nition of, 46 

Apparent solubility constants, defini- 
tion and table of, 75 
Arsenates — see Arsenic compounds 
Arsenic, 221, 222; oxidation states, 
222; redox potentials of systems of, 
93, 223, 224 

Arsenic acid, use in analysis, 178 
Arsenic compounds, complexes of, 223; 
detection of, 225; equilibrium con- 
stants of, 223; low-solubility com- 
pounds of, 223; organic solvents 
for, 223 

Arsenic group elements, 221; common 
properties of, 221; solubility of 
sulphides, 222; volatility of chlor- 
ides, 222 
Arsenides, 222 

Arsenious compounds, complexes of, 
222; detection of, 225; equilibrium 
constants of, 223; influence of pH 
on, 222; low- solubility compounds, 
222 

Arsenites — see Arsenious compounds 
Arsine, 222 

Arsonic acid, p-dimethylaminoazo- 
phenyl, 179 

Atomic weights, table of, 345 
Atoms, constitution of, 3 
Auric salts, 248; equilibrium constants 
of, 249 

Aurocyanide complex, redox potential 
of, 249 

Aurous salts, 248; complexes, 248; 

equilibrium constants, 248 
Azide, sodium, use in analysis, 299 
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Azides, detection of, 296; properties of, 
295 

Balancing of equations, 97 . 

Barium, 144; chloride, use for precipi- 
tation, 286, 288; complexes, 144; 
detection, xM6^ 15(L -Il52 : equi- 
librium constafitsT 146; hydroxide, 
constants of, 144; normal poten- 
tial of, 93, 144; oxidation state, 144 
Barium sulphate, coloration of by per- 
manganate, 288; precipitation of, 
286, 288 

Baryta water, use of, 310 
Bases, definition, 24; definition of 
normal solutions of, 27; hydro- 
lysis of, 25; neutralization of, 24; 
of solutions of, 29 
Basicity constant, definition, 30 
Benzene, extraction wnth, 228 
Benzidine, redox properties of, 119 
a-benzoin oxime, use in analysis, 231, 
238, 240 

Benzyl alcohol, use of, 200, 312 
Beryilium, 153; complexes, 160; detec- 
tion, 160; equilibrium constants, 
160; hydroxide, apparent solu- 
bility of as function of pH, 160; 
influence of pH, 160; low-solu- 
bility compoimds, 160; redox 
potentials of systems of, 93, 160 
Bismuth, 212, 215; complexes, 216; 
detection, 217; equilibrium con- 
stants, 216; influence of pH, 215; 
lo'W-solubility compounds, 216; 
organic solvents for, 216; redox 
potentials of systems of, 93, 216 
Bisulphates, 287 
Bisulphites, 287 

Blood test for carbon monoxide, 306 
Bonds, 4; co-ordinate or semi-polar, 4; 
covalent or homopolar, 4; electro- 
valent or polar, 5; secondary, 6 
Borates, detection of, 321 
Borax buffer solution, pH of, 32 
Boric ester, formation, 321 
Borofiuoride — see Fluoborate 
Boron, 320; complexes, 320; detection, 
321; equilibrium constants, 320; 
fluoride, properties of, 320; low- 
solubility compounds, 320; oxida- 
tion states, 320 
Brasses, attack of, 341 
Bromates, detection, 269; equilibrium 
constants, 268; redox potential, 
268; solubility of, 267 
Bromides, complexes, 259; detection, 
263; detection in a mixture of 
halides, 264; equilibrium constants, 
260; low-solubility compounds, 
259; redox potentials, 255, 261 
Bromine, detection, 263; oxidation 


states, 255, 258; properties of, 
258; redox potentials of systems 
of, 93, 255, 258, 261 
Bromocresol green, pH range of, 117 
Bromophenol blue, pH range of, 117 
Bromophenol red, pH range of, 117 
Bromothymol blue, pH range of, 117 
Bronzes, attack of, 341 
Brown ring test, 298 
Buffer solutions, definitions, 20, 30; 
for fluoride ion concentration, 42; 
for thiocyanate ion concentration, 
43; table of pH’s of, 32 

Cacodyl oxide, formation, 307 
Cadmium, 187, 203; acetate, detection 
and removal of sulphides by, 262, 
288, 289; complexes, 204; detec- 
tion, 205; equilibrium constants, 
204; influence of pH, 203; low- 
solubility compounds, 204; oxida- 
tion state, 203; redox potentials 
of systems of, 93, 205 
Caesium, 143 

Calcium, 144; carbide, use of in analy- 
sis, 277; complexes, 144; detection, 
147, 150, 152; equilibrium con- 
stants, 146; hydroxide, constants 
of, 144; normal potential of, 93, 
144; oxidation state, 144 
Carbon, 305; compounds of, 305; di- 
oxide, 309; monoxide, detection 
and poperties of, 305, 306; tetra- 
chloride, colours of solutions of 
halogens in, 258 

Carbonates, complexes, 309; detection, 
310; equilibrium constants, 309 
Carbonic acid, constants of, 309 
Cast-iron, attack of, 341 
Catalysis, 111 

Catalysts, examples of, 112 
Cations, definition, 9; detection, 328; 
detection in solids, 338; detection 
in solution, 333; reagents for detec- 
tion of, 335 

Ceric salts, properties and equilibrium 
constants, 174 

Ceric sulphate, use in analysis, 228 
Cerium, 173; detection, 174; detection 
in presence of manganese, 175; 
oxidation numbers, 173; redox 
potentials of systems of, 93, 174; 
separation from other rare earths, 
170 

Cerous salts, 173; equilibrium constants 
174 

Chlorates, detection, 269; redox poten- 
tials of, 268; solubility of, 267 
Chloric acid, 267 

Chlorides, 259; complexes, 259; detec- 
tion, 262, 263, 264; equilibrium 
constants, 259; low-solubility com- 
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pounds, 259; organic solvents for, 
259 

Chlorine, 255; detection, 262, 263, 264; 
oxidation states, 255; redox poten- 
tials of systems of, 93, 255, 261 
Chlorites, 267 

Chloroacetate buffer solution, pH of, 32 
Chlorous acid, constants of, 266, 267 
Chromates, 169; detection, 171; detec- 
tion of small quantities, 172; equi- 
librium constants, 170 
Chrome blue, use in analysis, 158, 185 
Chromic acid, constants of, 169 
Chromic salts, 168; complexes, 169; 

equilibrium constants, 169 
Chromium, 153, 168; formal redox 
potentials of systems of, 93, 170; 
normal redox potential, 93, 170; 
oxidation numbers, 168 
Chromous salts, 168 
Chromyl chloride, 169, 263 
Cinclionine reagent, preparation and 
use, 231, 238 

Cobalt, 187, 197; formal redox poten- 
tials of systems of, 198; oxidation 
states, 197 

Cobaltic salts, 198; equilibrium con- 
stants, 198 
Cobalticyanides, 316 
Cobaltinitrite, sodium, preparation and 
use of solution, 139 

Cobaltous salts, complexes of, 197; 
detection, 199, 200; detection in 
presence of iron, 49; equilibrium 
constants, 198; influence of pH, 
197; organic solvents for, 198 
Colloids, 66, 67 
Columbium — see Niobium 
Complexes, 6; and acidity, 47; and 
redox properties, 53; chemical 
properties of, 43; coloured, as 
reagents, 120; constants of, 41; 
definition of, 39; dilution of, 45; 
effect of oxidation or reduction 
on equilibria of, 54; effect of pH 
on equilibrium, 47, 88; low- 

stability, 44; normal potentials of, 
53, 55; perfect, 43; polynuclear, 
45; stability of, 41, 130; with ions 
of water, 40, 50, 58 
Concentration limit, definition of, 120 
Condensed ions, 113 
Co-ordination number, definition of, 9 
Copper, 187, 206; disproportionations 
of, 209; foil, use of in analysis, 94, 
220; oxidation states, 206; redox 
potentials of systems of, 93, 208; 
sulphate, use of in analysis, 311 
Cresol red, pH range of, 117 
Crystals, growth of, 67; size of, 66 
Cupferron reagent, preparation and 
use in analysis, 157, 333 


Cupric salts, complexes, 207; detection, 
210; equilibrium constants, 208; 
influence of pH on, 207; low- 
solubility compounds, 207; oxidiz- 
ing power of, 99 

Cuprous salts, complexes, 206; equi- 
librium constants of, 207; influence 
of pH on, 206; low-solubility com- 
pounds, 206 
Cyanates, 312 
Cyanic acid, 312 

Cyanides, 310; complexes, 310; detec- 
tion, equilibrium constants of, 
redox potentials of, 311 
Cyanogen, 310 

Degree of dissociation, 32 
Dimensions, of particles, 66; of pre- 
cipitates, 69 

p-dimethylaminoazophenylarsonic acid 
reagent, preparation and use, 179 
Dimethylglyoxime reagent, prepara- 
tion and use of, 166, 196, 251 
Diphenylcarbazide reagent, prepara- 
tion and use, 172, 263 
Diphenylamine redox indicator, char- 
acteristics, 118, 119; preparation 
and use, 269, 297 

2-2'-dipyridyl, use in analysis, 167 
Disproportionation, 22, 35, 45; under 
influence of pH, 62 
Dissolution of solids, 338 
Distribution coefficient, definition of, 
105 

Double layer, 66 

Electrolysis, 15 
Electron, 3; size of, 66 
Electronic structure of ions, 3; relation 
with properties of ions, 125 
Eosine, 263, 269 
Equilibria, 10 

Equilibrium constant, definition of, 10 
Equilibrium constant tables, instruc- 
tions for use of, 135 
Ethylenediamine tetra-acetate, com- 
plexes with alkaline earth elements, 
145 

Extraction with a second solvent, 105, 
106, 107, 114 

Ferric iron, complexes, 162; detection, 
44, 165, 167; detection in presence 
of cobalt, 49; differences in 
. stability of complexes, 44; equi- 
librium constants, 163; influence 
of pH on, 162; low-solubility com- 
pounds, 162; organic solvents for, 
163; oxidizing power of, 164 
Ferricyanides, 315, 316; detection of, 
316; formal redox potentials of, 
315; oxidizing power of, 99, 316 
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Ferriperiodate reagent, preparation 
and use, 143 

Ferrocyanides, 314; detection of, 315; 

equilibrium constants of, 314 
Ferrous iron, complexes, 161; delee- 
tion, 44, 166, 167; equilibrium 
constants, 162; influence of pH, 
161; low-solubility compounds, 
162 

Ferrous-o-phenanthroline redox indi- 
cator, characteristics of, 118, 119; 
formation of, 167; preparation of 
reagent, 175; reactions of, 121, 289 
Flame colorations, table of, 341 
Flocculation, 67 
Flood’s diagram, 32 
Fluoborate, 322 

Fluorescein paper, preparation and 
use in analysis, 263 

Fluorescein solution, preparation and 
use in analysis, 269 
Fluorescent reagents, 123 
Fluoride ion concentration, buffer for, 
42 

Fluorides, complexes, 256; detection, 
256; equilibrium constants, 256; 
low-solubility compounds, 256 
Fluorine, oxidation states, 255; redox 
potentials of systems of, 93, 255, 
256 

Fluosilicates, 318 

Formal potential, definition of, 19, 56; 

table of values of, 20 
Formates, 306 

Fusion, 339; with alkali carbonates, 
264, 340; with pj’xosulphate, 340; 
with sodium carbonate and sul- 
phur, 340; with sodium peroxide, 
340 

Gallium, 153, 184; detection, 185; 
equilibrium constants, 185; oxida- 
tion numbers, 185; redox potential 
of systems of, 185 

Gelatine, precipitation of silica by, 318 
Germanium, 221, 232; complexes, 232, 
233; detection, 233; equilibrium 
constants, 233; oxidation states, 
232; redox potentials of systems 
of, 233 

Glycogen, colour reaction with iodine, 
264 

Gold, 248; detection, 249; oxidation 
states, 248; redox potentials of 
systems of, 93, 249 

Griess reagent, preparation and use in 
analysis, 298 

Hafnium, 180 

Halides, 255, 259, 262, 264 

Halogens, 255 


Hexamethylene tetramine, buffer solu- 
tion, pH of, 32 

Hexanitrodiphenylamine, use in analy- 
sis, 139 

Hydrazine, 295 

Hydrazoic acid, 295; detection, 296; 
redox potential of compounds of, 
295 

Hydrochloric acid, buffer solution, pH 
of, 32 

Hydrocyanic acid, properties of, 310 
Hydrogen, oxidation states, 272; solu- 
bility in water, 272 

Hydrogen ions, concentration of — see 
pH; hydration of, 25; properties 
of, 272 

Hydrogen peroxide, complexes and 
low-solubility compounds, 273; 
detection, 277; disproportionation, 
276; equilibrium constants, 274; 
use in analysis, 177, 236, 286 
Hydrolysis, 25, 40 

Hydroquinone, redox properties of, 57; 

use in analysis, 249 
Hydrosulphide complexes, 49 
Hydrosulphites, 284 
Hydroxides, disproportionation by 
precipitation of, 96; effect of pre- 
cipitation of on redox potentials, 
95; formulae of, 51; precipitation 
of, 71, 72, 126; precipitation of in 
complexes, 88; precipitation pH’s 
of principal, 78; solubility of, as a 
function of pH, 76 

Hydroxylamine, 295; hydrochloride, 
use in analysis, 228 

Hydroxyquinoline reagent, prepara- 
tion and use, 150 

Hypobromites, influence of pH on, 
265; redox potentials of, 265, 266 
Hypochlorites, influence of pH on, 
265; redox potentials of systems of, 
265, 266 

H>q)oiodites, influence of pH on, 265; 
low-solubility compounds, 265; 
redox potentials of systems of, 
265, 266 

Hyponitrites, properties and constants 
of, 296 

HjTpophospjiites, 300; redox properties 
of, 301 

Hypophosphoric acid, properties of, 
303, 304 

Indicators, 115; adsorption, 117; fluor- 
escence, 116; pH, 115, 117, 121; 
pH, table of, 117; range of, 116; 
redox, 118, 121; redox, table of, 
118; turbidimetric, 116 
Indigo carmine redox indicator, charac- 
teristics, 118; use in analysis, 
276 
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Indium, 153, 184, 186; equilibrium 
constants, 186; formal redox 
potentials of systems of, 186; 
oxidation states, 186; position in 
Periodic Classification, 184; sepa- 
ration from zinc, 186 
Induced precipitation, 73 
Iodides, complexes, 259; detection, 
262, 264; detection in a mixture of 
halides, 264; equilibrium constants, 
260; low-solubility compounds, 259 
Iodine, detection, 264; oxidation states, 
255, 258; properties, 258; redox 
potentials of systems of, 93, 255, 
258, 261 

lodine-iodide-starch solution, prepara- 
tion and use, 230 

Iodine pentoxide, use in analysis, 305 
Ionic product of water, 26 
Ions, definition, 3; exchange reactions 
of, 39; in solution, 8; of salts, 27; 
relation between properties and 
electronic structure, 125 
Iridium, 254 

Iron, 153, 161; detection, 44, 165, 166, 
167; oxidation states, 161; redox 
potentials of systems of, 93, 163 
Iron powder, use in analysis, 230 

Lakes, 73 

Law of mass action, 10 
Lead, complexes, 212; detection, 214, 
215; equilibrium constants, 213; 
influence of pH, 212; low-solu- 
bility compoxmds, 213; oxidation 
states, 212; peroxide, use in 
analysis, 264; redox potentials of 
systems of, 93, 214 

Lithium, 143; normal redox potential, 
93 

Logarithms, 344 

Magnesium, 144; complexes, 149; detec- 
tion, 149; equilibrium constants, 
149; oxidation state, 148; redox 
potential of, 93, 148 
Manganese, formal redox potentials of 
systems of, 190; normal redox 
potential, 93, 190; oxidation states, 
188 

Manganic salts, complexes, 189 
Manganous salts, complexes, 188; 
detection, 192; equilibrium con- 
stants, 189; low-solubility com- 
pounds, 189 

Masking (sequestering), 43 
Mercuric chloride, use in analysis, 140, 
200, 203, 210 

Mercuric salts, complexes, 218; detec- 
tion, 220; equilibrium constants, 
219; influence of pH, 218; low- 
solubility compounds, 218; or- 
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ganic solvents for, 219; reduction 
in acid solution, 99 
Mercurithiocyanates, 187 
Mercurithiocyanates reagent, prepara- 
tion and use, 200, 203, 210, 334 
Mercurous salts, detection, 102, 220; 
equilibrium constants, 218; influ- 
ence of pH, 217; low-solubility 
compounds, 218 

Mercury, disproprotionations, 220; 
oxidation states, 217; redox poten- 
tials of systems of, 93, 219 
Mermeix reagent, preparation and use, 
305, 306 

Metabisulphites, 287 
Metals, normal redox potentials of 
some, 93 

Metaphosphoric acids, 303 
Methyl orange, pH range of, 117 
Methyl red, pH range of, 117 
Methyl yellow, pH range of, 117 
Methylene blue, characteristics, 118, 
119; redox properties, 54, 232, 
271, 276 
Micelles, 66 

Molybdate reagent, preparation and 
use, 224 

Molybdate tartrate reagent, prepara- 
tion and use, 302 

Molybdates, action of hydrogen sul- 
phide on, 238; complexes, 237; 
detection, 240; equilibrium con- 
stants, 238; solubility of, 238 
Molybdenum, 221, 233, 237, 239; 
oxidation states, 237, 238; redox 
potentials of systems of, 239 
Molybdie acid, 237 

Morin reagent, preparation and use, 
158, 160, 179 

a-naphthoflavone, colour reaction of, 
with iodine, 264 

a-naphtholphthalein, pH range of, 117 
Nessler reagent, preparation and use, 
140 

Neutral red, pH range of, 117 
Nickel, 187, 194; complexes, 194; 

detection, 196; equilibrium con- 
stants, 194; low-solubility com- 
pounds, 194; oxidation states, 194; 
redox potentials of systems of, 93, 
195 

Nile blue, pH range of, 117 
Niobium, 153, 181; complexes, 181; 
hydroxide, solubility of, 181; low- 
solubility compounds, 181; oxida- 
tion state, 181; redox potential of, 
181 

Nitrates, complexes, 297; detection, 
297, 298; detection in presence of 
nitrites, 299; redox potentials of 
systems of, 297 
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Nitrites, detection, 298; detection in 
presence of nitrates, 299; redox 
potentials of systems of, 297 
Nitrogen, oxidation states, 293; redox 
potentials of systems of, 293; 
solubility of, 296 

Non-metals, redox potentials of some, 
93 

Normal oxidizing and reducing solu- 
tions, 23 

Normal potentials, definition, 17; table 
of values of, 17 

Normal potentials of complex systems, 
53; table of values of, 55 
Normal potentials of ion and electron 
exchanges, table of values of, 64 
Normal redox potentials, table of some 
common, 93 

Normal solutions, definition of, 27 

Orthophosphoric acid, 301 
Osmium, 253 

Overvoltage (overpotential), 94, 110 
Oxalates, detection and characteriza- 
tion, 308; properties of, 307 
Oxidants, 14 

Oxidation number (oxidation state), 7 ; 
variation of properties of elements 
with their, 128 

Oxidation-reduction — see Redox 
Oxine reagent, preparation and use, 
150 

Oxygen, 273; detection, 276 
Ozone, 277 

Palladic salts — see Palladium 
Palladium, detection, 251; oxidation 
states, 250; redox potentials of 
systems of, 93, 250 

PaUadous chloride, use in analysis, 305 
PaUadous salts — see Palladium 
Partition coefficient, 105 
Passivation of metals, 94 
Peptization, 67 

Perchlorates, detection, 271; redox 
properties, 270 

Periodates, detection 271; equilibrium 
constants, 270; redox properties, 
270 

Periodic classification of elements, 346; 

variation of properties inside, 125 
Permanganates, coloration of barium 
sulphate by, 288; formation, 191', 
192, 193; properties, 190 
Persulphates, 288; redox properties of, 
289; use of in analysis, 171, 172, 
175, 192 

pH, and redox potential, 56; definition, 
26; determination, 117; effect on 
equilibrium of complexes, 47, 88; 
influence of precipitation on, 83; 


limits, 26; of acid and conjugate 
base, 28, 30; of acid solutions, 28; 
of ampholyte solutions, 35; of basic 
solutions, 29; of mixture of two 
acid-base systems, 33; of salt 
solutions, 34; summary of for- 
mulae for, 36 

pH indicators, 115; as reagents, 121; 
range of, 116, 117; table of some 
common, 117 

o-phenanthroline reagent, preparation 
and use, 167, 175 
Phenol red, pH range of, 117 
Phenolphthalein, pH range of, 1 17 
N-phenylanthranilic acid reagent, char- 
acteristics, 118, 119; preparation 
and use, 175 

Phosphates, complexes, 301; detection, 
90, 302; equilibrium constants, 
302; precipitation pH’s of some, 
301; redox properties, 302; sepa- 
ration, 85 
Phosphine, 300 
Phosphites, 301 
Phosphoric acids, 301, 303 
Phosphorus, 300 

Platinum, complexes, 251, 252; crucible, 
use of, 339; detection, 252; oxida- 
tion states, 251; redox potentials 
of systems of, 93, 252 
Polycomplexes, 45 
Polyoxidants, 22 
Polyphosphoric acids, 303 
Polysulphides, 281 
Post-precipitation, 70 ^ 

Potassium, detection, 90, 139; general 
characteristics, 138; redox poten- 
tial, 93 

Potential, see formal potential, normal 
potential and redox potential 
Precious metals, 248 
Precipitates, 65, 122; colour and size 
of, 69; formation and ageing of, 
67; impurities in, 70; separation 
and washing of, 326 
Precipitation, and acidity, 76; and 
complexes, 87 ; and complexes, 
redox and pH, 101; and dispropor- 
tionation, 88; and redox potential, 
92; in solution of controlled pH, 
84; induced, 73 

Prediction of reactions, 17, 109 
Proton, definition, 3; dimension, 66 
Prussian blue, 167 
Purple of Cassius, 249 
Pyrogallol, use in analysis, 276 
Pyrophosphoric acid, 303 
Pyrosulphites, 287 

Qualitative analysis, classical method, 
84, 328; new method, 328; use of 
physical methods in, 329 
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Index 


Quinalizarin reagent, preparation and 
use, 321 

Quinhydrone, 57 
Quinone, 56 

Rare earths, 153, 172; complexes, 173; 
equilibrium constants, 173; redox 
potentials of systems of, 173; 
separation, 173 

Reactions, catalysed, 111; factors 
affecting speed of, 110; hydration, 
113; ion exchange, 113; precipita- 
tion, 113; rate of, 10, 108; redox, 
14, 108; slow, 108 

Reagents, concentration limit of, 120; 
for detection of anions and 
cations, 335; specificity of, 120; 
types of, 120 

Redox potential, and complexes, 53; 
and pH, 56; definition, 15; effect 
of precipitation on, 92, 98; of 
ampholytes, 23; of elements, 92, 
93; of oxidizing and reducing 
solutions, 20; curves, 58; 

table of values of, 93 
Redox reactions, 14, 108 
Redox systems of water, 18 
Reductants, 14 
Reduction by metals, 94 
Rhenium, 193 

Rhodamine B reagent, preparation 
and use, 228 
Rhodium, 253 

Rhodizonic acid reagent, preparation 
and use, 146 
Rubidium, 143 

Ruthenium, oxidation states, 252; 
redox potentials of systems of, 253 

Salts, ions of, 27; pH of solutions of, 
34; relation between solubility of 
and pH, 79 

Selenium, general properties of, 290 
291; redox potentials of systems 
of, 93, 291; separation and charac- 
terization, 292 
Sequestering, 43 
Silane, 317 

Silica, detection, 318; insolubilization 
of, 317, 318; precipitation of, 318; 
reaction with hydrogen fluoride, 
317 

Silicates, 317; complexes, 317; equi- 
librium constants, 318 
Silicofluoride — see Fluosilicate 
Silicon, 317; fluoride, 257, 318 
Silver, complexes, 242; detection, 102, 
244; equilibrium constants, 243; 
influence of pH, 242; low-solu- 
bility compounds, 242; redox 
potentials of systems of, 93, 244 


Silver cliloride, precipitation of, 70, 
244, 262; properties of crystalline, 
65 

Slow reactions, 108 

Sodium, detection, l4l; low-solubility 
compounds, 14^ oxidation state, 
13j8; redox properties, 138 
Sodium bismuthate, use in analysis, 
193 

Sodium cobaltinitrite, use in analysis, 
90, 139 

Sodium hydroxide, precipitation by, 
140 

Sodium nitroprusside, use in analysis, 
281, 286 

Solubility curves, use of, 82 
Solubility of slightly soluble com- 
poimds, 74 

Solubility product, apparent, table of 
some values of, 75; definition, 74; 
of sulphides, tables of, 80, 280 
Solvation, 8 

Solvents, active, 104; non-protolytic, 
104; protolytic, 103 
Stability constant, 45 
Stannic compounds, complexes, 229; 
detection, 230; equilibrium con- 
stants, 229; influence of pH, 229; 
low-solubility compounds, 229 
Stannite, sodium, preparation and use, 
217 

Stannous chloride reagent, preparation 
and use, 240, 249 

Stannous salts, complexes, 228; detec- 
tion, 230, 232; equilibrium con- 
stants, 229; influence of pH, 228; 
low-solubility compounds, 228 
Starch paste, use in analysis, 264 
Starch-iodide paste redox indicator, 
characteristics of, 118 
Steels, attack of, 341 
Stibine, 225 

Strengths of acids and bases, 25 
Strontium, complexes, 144; detection, 
146, 150, 152; equilibrium con- 
stants, 146; low^-solubility com- 
pounds, 145; redox potential, 93, 
144 

Sulphates, complexes, 287; detection, 
288; equilibrium constants, 287; 
low-solubility compounds, 287; 
redox properties, 287 
Sulphides, 278; complexes, 279; detec- 
tion, 281, 289; detection in presence 
of sulphite and thiosulphate, 289; 
dissolution of as a function of pH, 
80; oxidizability, 99; precipitation 
as a function of pH, 81; precipita- 
tion in solution of fixed pH, 84; 
separation, 85; solubility, 279; 
table of solubility products of 
some, 80, 280 
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Sulphites, as oxidants, 286; as reduc- 
tants, 285; complexes, 285; detec- 
tion, 286, 289; disproportionation, 
286; equilibrium constants, 285; 
redox properties, 285 
Sulphur, 278; detection, 282; oxidation 
states, 278; redox potentials of 
systems of, 93, 278, 279 
Sulphur dioxide, detection, 286; solu- 
bility, 284 

Tantalum, complexes, 181; general 
properties of, 153, 154; hydroxide, 
solubility of, 181; low-solubility 
compoimds, 181; oxidation states, 
181; redox properties; 181 
Technique, semi-micro, of qualitative 
analysis by new method, 325 
Tellurium, general properties of, 290; 
oxidation states, 290; redox poten- 
tials of systems of, 93, 291; 
separation from selenium, 292 
Thallic salts, 245 

Thallium, 153, 184, 245; detection, 246; 
oxidation states, 245; redox poten- 
tials of systems of, 93, 184, 246 
ThaUous salts, 245; equilibrium con- 
stants, 245 

Thiazole yellow, use in analysis, 149 
Thiocyanate, complexes, 312; detec- 
tion, 314; equilibrium constants, 
41, 312; ion concentration, buffer 
for, 43; reagent, preparation and 
use, 165, 200, 240; redox poten- 
tials of systems of, 313 
Thionates, 289 

Tiiiosulphates, complexes, 282; detec- 
tion, 100, 283, 284, 289; dispro- 
portionation, 283; equilibrium con- 
stants, 282; redox properties of, 
282, 283 

Thorium, 153, 176, 180; complexes, 176, 
180; equilibrium constants, 180; 
hydroxide, apparent solubility of 
as a function of pH, 176; hydrox- 
ide, precipitation pH of, 180; low- 
solubility compounds, 180; oxida- 
tion state, 176, 180 
Thymol blue, pH range of, 117 
‘THQ’ reagent, 147 

Tin, detection, 230, 232, 339; general 
properties of, 221; oxidation 
states, 228; redox potentials of 
systems of, 93, 229, 230; reduction 
by, 94, 217, 227 

Titan yellow, use in analysis, 149 
Titanic salts, complexes, 177; low- 
solubility compounds, 177 
Titanium, 153, 176; detection, 177, 
180; detection in presence of 
vanadium, 177; oxidation states, 


176; redox potentials of systems 
of, 177 

Titanous salts, 176 
o-toluidine, use in analysis, 263 
Toximeter, 306 
Transuranium elements, 183 
Trilon B, complexes of with calcium, 
145 

Tungsten, 221, 233, 237; detection, 
240; separation from tin, 231 
Turmeric paper, 321 
Turnbull’s blue, 316 
Tyndall effect, 66 

Ultrafilters, 66 

Uranium, 153, 181; oxidation states, 
181; redox potentials of systems 
of, 182 

Uranous salts, complexes and low- 
solubility compounds, 182; equi- 
librium constants, 182 
Uranyl salts, complexes, 182; detec- 
tion, 183; equilibrium constants, 
182 

Vanadates, complexes of, 235; detec- 
tion, 236; equilibrium constants, 
235; low-solubility compounds, 235 
Vanadium, 221, 233; oxidation states, 
233; redox potentials of systems 
of, 235, 236 
Vanadous salts, 234 
Vanadyl salts, complexes, 234; detec- 
tion, 236; equilibrium constants, 
234 

Water, as oxidant and reductant, 18, 
60, 61, 274; complexes, 274; 

detection, 277; ionic product of, 
26; ions of, 25; redox potentials of 
systems of, 274, 275 
'White metals, attack of, 341 

Zinc, 187, 201; complexes, 201; detec- 
tion, 205; equilibrium constants, 
202; group elements, 187; influence 
of pH, 201; low-solubility com- 
pounds, 201; oxidation number, 
201; redox potentials of systems 
of, 93, 202 

Zinc uranyl acetate reagent, prepara- 
tion and use, 141 

Zirconium, 153, 176, 178; complexes, 
176, 178;. detection, 179, 180; 
equilibrium constants, 178; influ- 
ence of pH, 178; low-solubility 
compounds, 178; oxidation num- 
ber, 176, 178 

Zirconium nitrate reagent, preparation 
and use, 257 

Zirconyl chloride, use in analysis, 178 
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